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Le phosphore est un élément indispensable à la vie, provoquant notamment une forte 
croissance des végétaux quand il est en forte concentration dans l‘eau. Cette étude est centrée 
sur le comportement des phosphates dans les eaux naturelles, afin d’éviter son apport excessif 
au milieu aquatique et d’améliorer son utilisation en tant que fertilisant. 
 
Nous avons mesuré les vitesses de dissolution et de précipitation des principaux 
minéraux phosphatés. Les phosphates étudiés sont la struvite (MgNH4PO4,6H20), la 
fluorapatite Ca5(PO4)3F, la variscite (AlPO4,2H2O), la strengite (FePO4,2H2O) et certains 
phosphates de terres rares, rhabdophane (LaPO4,2H2O et NdPO4,2H2O). Les vitesses de 
dissolution ont été mesurées à température ambiante (25ºC) et à différents pH.  
 
La vitesse de dissolution, normalisée à une surface spécifique constante (BET), évolue 
dans l’ordre suivant: sturvite > fluorapatite > variscite > rhabdophane. Cette vitesse dépend de 
la force des liaisons cation-oxygène assurant le maintien des tétraèdres isolés de phosphate 
dans la structure du minéral. Les taux de précipitation ont été mesurés à différentes 
températures en condition acide.  Les phosphates d’aluminium et de fer précipitent en tant que 
phases amorphes. Ils évoluent ensuite en une phase cristalline en fonction du temps et de la 
température. Le rhabdophane précipite rapidement, directement d’une phase aqueuse à une 
phase cristalline. La concentration des terres rares dans les systèmes naturels est influencée 
par le rhabdophane et par vitesse de précipitation. Les minéraux phosphatés tamponnent la 
concentration en phosphates des eaux naturelles du fait de leur faible solubilité et de leur 
grande réactivité. Pour une même composition des eaux, la phase solide contrôlant la teneur 
en phosphate dissous dépend du pH. La variscite régule la teneur en phosphate dissous à pH 












Phosphorus is an essential element for life, but at high concentrations in waters may 
provoke eutrophication of waters. The research done during this thesis focused in the 
interaction between water and phosphate minerals, in order to avoid excessive phosphate 
inputs in aquatic systems and improve the way we use fertilizers. 
 
In the present work, we have experimentally determined the dissolution and 
precipitation kinetic laws of the main phosphate minerals, at several temperatures and 1 atm. 
The studied phases were struvite (MgNH4PO4,6H2O), fluorapatite Ca5(PO4)3F, variscite 
(AlPO4,2H2O), strengite (FePO4,2H2O) and REE-phosphates as rhabdophane (LaPO4,2H2O 
and NdPO4,2H2O). 
 
These dissolution rates, normalized to a constant BET surface area, follow the 
approximate order struvite > fluorroapatite > variscite > rhabdophane. Since the phosphate 
group passes directly into the aqueous solution, it is reasonable to assume that the rate 
controlling process is related to the progressive disruption of metal oxygen bonds holding the 
PO4 tetrahedra together in the mineral structure.  
 
The precipitation rates were measured at different temperatures and acid conditions. 
During the experimental stages, aluminium and iron phosphates precipitated as amorphous 
phases, becoming crystalline as temperature rises and reaction time progresses.  
Rhabdophane, however, quickly precipitated directly from the solution as a crystalline phase. 
The low solubility and the big reactivity of phosphate minerals limit phosphate availability in 
natural waters. At constant solution composition, the precipitated phosphate-bearing solid 
phase depends on the induced pH conditions. At acid conditions, variscite is the phosphate 
dominant phase, while at moderately to high alkaline conditions apatite formation occurs. 


















INTRODUCTION AND BACKGROUND 
I-1. Overview of phosphate minerals 
The [PO4] oxyanion combines with other 30 elements to form phosphate minerals. 
Huminicki and Hawthorne (2002) tabulated the names, chemical formula, and lattice 
parameters of nearly 400 phosphate solids. The importance of phosphate minerals, range 
from their role in biological processes, biomineralization, to being host for radioactive 
elements and their application to geochronology, mineral engineer, agriculture, biomaterials 
and many other areas. A summary of the main phosphate-bearing minerals and their 
classification on function of their cations content is presented in Table 1. 
 
Table 1. Major phosphate-bearing minerals. 
 
The mineralogy or chemical composition of phosphates depends on pH, water 
composition, presence of organic compound, etc. Phosphate concentration in natural waters 
has been of increasing concern to society. If this concentration is too low may it hinder forest 
and agricultural growth, but if it is too high it may lead to eutrophication. An estimate of the 
solubility as a function of pH for major phosphate minerals is presented in Figure 1. 
Thermodynamic calculation suggest that in natural waters aqueous phosphorus concentration 
at high pH is buffered by the presence of apatite, which is the least soluble species at pH>6; 
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at pH<6 variscite and strengite may limit phosphate availability (Linsday et al.1989; Stumm 
and Morgan 1996).  
 
 
Figure 1. Solubility of some phosphate minerals at 25ºC as a function of pH 
(Stumm and Morgan 1996). The calculations assume equilibrium with the 
oxides listed in the figure. 
 
This thesis is aimed at assessing experimentally the reactivity of major phosphate-
bearing minerals as a function of pH and temperature. The goal of this effort is to better 
understand (1) the constrain in processes controlling the global phosphate cycle and the 
phosphate availability in natural environment, (2) enable the improved use and conservation 
of phosphate resources, and (3) the natural phosphate concentrations. 
 
 I-2. Phosphates in the Earth 
Phosphorus is the 11th element most abundant in the Earth but never occurs as pure 
form. It always is bounded with other elements to form phosphate rocks. Phosphates are 
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accessory minerals in most Precambrian to Tertiary igneous rocks (Cook 1983). Average 
phosphorus concentration in the crust is 0.1%, in continental sediments is 0.07%, in soils is 
0.08%, in igneous rock is 0.1%, and in marine sediments is 0.12% (Nriagu and Moore 1984). 
Although present in small quantities in all materials and life forms it can be accumulated in 
certain rocks (McKelvey 1973). 
 
The main phosphate deposits are in igneous and sedimentary rocks such deposits are 
composed mainly of apatite, fluorapatite, and hydroxylapatite. Pure apatite in igneous 
deposits can contain more than 184g P/Kg (42% P2O5). Sedimentary deposits are sometimes 
referred to as phosphorites, they range in age from Precambrian to Recent but restricted to 
low latitude 0-40º (Guidry and Mackenzie 2003; Hiatt and Budd 2001). They are composed 
mainly by carbonate-phosphate, pure francolite contains 150 g P /Kg (34% P2O5) (Stewart 
2005).  
 
Other minor deposits are insular, pegmatite, biological systems, and meteorites. Insular 
guano deposits are formed from accumulation of bird droppings in warm-arid or semiarid 
areas. They are composed by brushite and monetite (Manning 1995). Pegmatites are a major 
host of phosphate minerals (Keller et al. 1999). In living cells, phosphate is critical in the 
storage of chemical energy within ATP (Adenosine triphosphate), the central building block 
of nucleic acids and linking DNA and RNA (Gresh et al. 2003). Living organisms form 
phosphate minerals as bones (Newesely 1989), teeth (Cohen et al. 1981), shells and 
sometimes if there is an excess of phosphorus humans generate kidney stones. About a dozen 
phosphate minerals are know in meteorites (Mautner and Sinaj 2002) and lunar rocks (Jolliff 




Figure 2. Main economic and potential phosphate deposits (Modified from Kesler 
1994; Manning 1995; Chang 2002) 
 
P in ore deposits is expressed as wt% P2O5 with a hypothetical max value of 42% for 
fluorapatite. To be economically viable it has to have more than 20 wt% P2O5 (Manning 
1995, Kesler 1994). Phosphorus is widely distributed throughout the world in different 
continent, except perhaps in Antarctica. In Figure 2 are represented the origin and 
distribution of main phosphate deposits.  
 
I-3. Phosphate budget and estimation of resources 
Phosphate rocks (PR) are naturally occurring and contain a relatively high 
concentration of P- bearing minerals. As many other element, the major reserves are located 
in the ocean. The average abundance of P in the Earth’s crust is 1.0 g P/Kg (0.22%) (Stewart 






Table 2. Major biospheric reservoir of Phosphorus (Smil 2000) 
 
World reserves are currently around 12 billion tones of minable phosphate rock (Kesler 
1994). 80% of the currently world phosphate productions come from sedimentary deposits 
especially from marine deposits. Igneous deposits and their weathering derivates provide 
about 17% of the world production. The other 3% comes from residual sedimentary and 
guano-type deposits (FAO 2004). Phosphate world production has increased dramatically 
during the last century as a result of the population growth, as shown in Figure 3. 
 
Commercial production of phosphate rock started in the mid-19th century (Stewart 
2005). Global production during the early 1900 was less than 1Mt P/yr and has increased to 
156 Mt P/ year in the 2008 (USGS 2007; USGS 2008). The oil crisis in the 1970s decreased 
world phosphate production as the price raised five fold between the end of 1972 and 1975 
(CAS 1978). Phosphate production peaked at the end of 90s as a response to the global 































































Figure 3. Continuous line is the phosphate World production; dash line is the growth 
population (USGS 2007; USGS 2008; United Nations 2009) 
 
Evolution of phosphate rock reserves is difficult to predict, due to the difficulties of 
estimative reserve availability and exploitable deposits and the problem of anticipating future 
market growth, population, food needs, economics, alternative resources, environments 
programs, politics, etc. The depletion of PR could trigger a progressive increase in prices as 
extraction and processing cost rise and countries holding deposit become conscious of their 
value. Decreased agriculture production, limited by dwindling fertilizer availability, could 
have grave consequences for society in the future (Oelkers and Valsami-Jones 2008). There 
are different estimates of world phosphorus reserves, in all the cases, depletion of reserve are 
estimated to occur in 50 to 680 years (Wolfe 1984; Steen 1998; Stewart 2005; RNPMUN 
2009). A clear example of phosphate depletion is the insular guano deposit of the Republic 
of Nauru, an island in the Pacific, which had based their economy in phosphate mining. 
Approximately 100 million tones of phosphate rock have been mined over 100 years. In the 
60s this production gave the residents of Nauru the highest per capita income in the world. 
However, the extensive exploitation exhausted minable resources and the economic of the 




I-4. Phosphate applications 
About 95% of the world production of phosphate is used in agriculture to make 
fertilizers, pesticides and animals feeds. The other 5 % used in non-agricultural products 
including flame retardants, paper, glass, plastics, pharmaceuticals, petroleum products, 
pesticides and toothpaste. Some of this uses are described below. 
 
• Fertilizers: Since a few soils have naturally high P fertility, fertilizers are added to 
improve and promote growth, production, and seed formation. Fertilizer provides the 
plant major nutrients: nitrogen, phosphorus and potassium, as well as secondary 
nutrient including calcium, sculpture, magnesium, and sometime micronutrients like 
boron, chlorine, manganese, iron, zinc, copper, molybdenum, selenium (Chang 2002). 
In very intuitive way, Carthaginians (200 B.C.) and Incas (100 B.C) used bird 
excrement to improve field production (Wolfe 1984). Nowadays fertilizer comes 
mainly from unreactive and slightly soluble phosphate minerals which require some 
treatment before applying to crops (Stewart 2005). The phosphate fertilizer production 
and their content in phosphorus expressed as phosphorus pentaoxide in P2O5 is 
schematically represent in Figure 4. Raw phosphate rocks are treated with sulphuric 
acid to make phosphoric acid and single superphosphate with P2O5 content of 16-21%. 
By reacting concentrated phosphoric acid with phosphate rocks Triplesuperphosphate 
is obtained having 43-48% P2O5. Phosphoric acid is treated with soda ash, potassium 
carbonate or ammonium to get more effective fertilizer where the content in P2O5 
varies from 15 to 56%. 
• Biomedicine: Phosphates are used as synthetic substitute material for human bones 

























































Figure 4. Fertilizer production from raw phosphate rocks and resulting P2O5. (Modified 
from Smil 2000 and Leikam and Achorn 2005) 
 
• Cosmetics: Phosphates are used in toothpaste as an abrasive or whitening agent, in 
shampoos and gel to get the appropriated texture, and in cosmetic as buffering agent 
(Hatao et al. 1999). It was used in many detergents but some European countries and 
USA states restricted phosphate discharges and phosphates (Manning  1995) 
• Ceramic Synthetic or natural phosphates have low solubility and high resistance to 
corrosion by fluid and they may be a potential host of radioactive waste (Cetiner et al. 
2005; Chaïrat et al. 2006) 
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• Fire retardants or starter: Phosphates are present in matches, flame-retardants, and 
oven proof bake ware (Kandola et al. 1997) 
• Lubricants: Phosphates are used as lubricants due to their thermal stability and their 
fire resistant properties at high temperature (Mascolo et al.  2004) 
• Metal treating: Some metal including manganese, iron and zinc are coated by 
phosphorus providing and inert and insoluble properties for avoiding corrosion of pipes 
and tubes (Kalendová et al. 2008) 
• Water treating: The low solubility and availability to precipitate over a wide range of 
pH makes phosphates precipitation excellent way to recover metals from water. They 
are used to remove different heavy metals including Uranium (U), lead (Pb2+), 
cadmium (Cd2+), copper (Cu2+), cobalt (Co), Chromium (Cr,) zinc (Zn2+), nickel (Ni), 
and selenite (SeO3
2-) by adsorption onto phosphate rocks or precipitation. (Monteil-
Rivera 2000; Perronne et al. 2001, Elouear et al. 2008; Corami et al. 2008; Batton et al. 
2007; Simon et al. 2004). 
• Pesticides: Organophosphorus   pesticides, produced with PCl3, are wieldy applied in 
pest control in agriculture (Acero et al. 2008) 
• Daily uses: In food phosphate are used as a moisture binding, in pasta to decrease cook 
time, cheese as emulsifying agent, in baked potatoes chips to create the surface bubbles 
(Yokel et al. 2008) 
• Military purposes: Phosphates are used as a source of smoke, filling incendiary 
grenades, chemical weapons agents and explosive (Bach et al. 1993).  
 
I-5. The phosphorus cycle in the environment 
The global cycle of phosphorus is less studied than the biological cycles of carbon, 
nitrogen and sulphur. The phosphorus cycle is unique because it atmospheric content is 
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insignificant. Graham and Duce (1982) calculated the flux of phosphorus from the land to 
the atmosphere at 3.2 Tg/y and the flux from the atmosphere to the soils is about 4.2 Tg/yr. 
This excesses of input is deposited onto the surface ocean (Duce 1991) generating a flux of 
1Tg/y. There is no atmospheric link from the oceans to the land. 
 
Phosphorus moves from the rocks which slowly weather to form soils at a rate ranging 
from 10 to 20 Tg/y (Newman 1995; Bennet et al. 2001). In soils, phosphate is uptaken by 
plants, roots and microbes reducing their concentration in mineral soil water. Plants uptake is 
70-200 Tg P/y (Smill 2000). When plant litter, microorganisms, fungi, and biomass 
decompose this organic material, phosphates are deposited into the soil. Phosphorus 
generated from plants breakdown is stored in the soils organic layer (McDowell and 
Sharpley 2001). In soils poorly crystalline phosphate is likely to form, in acid soils aluminum 
or iron phosphate are formed and in neutral to basic soils calcium phosphates form, 
consistent with Figure 1. 
 
From the soil phosphorus is moved by surface runoff and surface pathways to the rivers 
in form of dissolved (organic and inorganic) or particulate phosphorus (Meybeck et al. 
1988). Not all the phosphorus in fresh water is transported directly to the ocean, P in rivers is 
associated with particulate inorganic matter, P occurring in grains of apatite and other 
minerals and P adsorbed onto small particles of iron-manganese oxide/oxyhydroxides or slit 
charged positively, can mineralized or coprecipitate as poorly or crystalline phosphate 
(Holtan et al. 1988) or can be used by vegetation and animals.  The low solubility of 
phosphate makes P relatively immobile (Tiessen 2005). Bennett et al. (2001) proposed a flux 




Figure 5. Schematic representation of actual phosphorus cycle 
 
Berner and Rao (1994) calculated the pre-industrial flux of phosphorus from the river 
to the ocean taking in account the total dissolved phosphorus and the phosphorus solubilised 
in sediment obtaining a value of 1.5 to 2.7 Tg P/y. However Froelich et al. (1982) estimated 
the total natural dissolved flux as 0.4 to 0.8 Tg P/y. Other authors have estimate the total 
dissolved and particulate phosphorus flux to be 21- 22Tg P/y (Meybeck 1983; Howarth et al. 
1995). The global annual phosphorus from lithosphere into freshwater are estimated to be 
18.7-31.4 Tg p/y (Compton et al. 2000) 
 
Once dissolved phosphate reaches the sea it can be used by vegetation, fish or 
eventually it can form insoluble phosphates which sink into the sediments (Follmi 1996). 
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Particulate phosphate adsorbed onto small particles are retained within the continental 
shelves and is not important for open ocean processes (Beusen 2005) but if salinity increases 
P will desorbs from clays and other small particles. It has been estimated that the total load 
of P which desorbs from clay particles is 2-5 times more than the dissolved phosphate load 
which enters the ocean via rivers (Froelich et al. 1982). Dissolved phosphorus is assimilated 
by phytoplankton and marine biota. The uptaken of P by marine plants has been proposed to 
be 900-1200 Tg P/y (Smil 2000). Particulate phosphorus can react to form calcium, 
magnesium and Rare Elements Earth phosphate. The precipitation rate varies from 1.8 to 3.5 
Mt P/y (Baturin 2003). Phosphate-bearing sediment remain on the bed floor until they 
transforms into rocks due to the  pressure The burial fluxes varies from 0.9 Tg P/y  to  11 Tg 
P/y (Bermen and Bermen 1987; Filippeli-Gabriel and Ruttenberg 1997). Phosphorus can sink 
due to hydrothermal processes, due to convective flows, or interaction with basalts rocks on 
ridge flanks. The rate it sinks is 0.4 Tg P/y (Wheat et al. 1996).The recycling of P sediments 
depends on uplift and denudation. In addition some phosphorus may be removed as bird or 
fish bones and returned back to the land surface forming guano deposit. This cycle will be 
completed in 107-108 years (Smil 2002). As a result, phosphorus a limiting nutrient in 
freshwater, coastal, and estuarine systems form plants and living cells. See Figure 5. 
 
Nowadays, human activity interferes in the P cycle intensifying the natural fluxes, 
provoking excessive inputs of phosphate via domestic, industrial, and especially agricultural 
sources. Phosphorus input has at least increased 1 to 2 order of magnitudes (Meybeck 1993; 
Howarth et al. 1995; Conley 2000).Human activity has modified phosphorus cycle for 4 
main reasons: 
 1) Accelerated erosion and runoff due to the conversion of forests during the last century 
into crop, grassland, and urbanization. As result the total of particulate and dissolved P 
transfer to the ocean has increased to 24.2 Mt/year (Savenko 2001)  
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2) Inorganic P is present in animal’s feeds and only 30% is used by the animal 
(Tamminga 1992) therefore animals manure contains significant quantities of P 
(Leinswerber et al. 2002). Animals take 2Tg P/y from soils (Bennett et al. 2001) and 
manure returns 1.5 Tg P/y to soils and environment (Isermann 1990). 
3) Untreated human waste water from municipal and wastewater treatment is a major 
source of P. Urban sewage loading, also contains phosphate detergents. In total human 
waste adds 3 Mt P/y to global fluxes (Edward et al. 2000; Mackenzie et al. 2002)   
4) Industrial phosphate rock production is ~19.8 Tg P/y (FAO 2000).  However not all 
this P enters directly into the soil or water surface soil, 25% of phosphate applied as 
fertilizer is uptaken up by crop. Bennett et al. (2001) calculated the amount of mined P 
including industrial and agriculture uses the total phosphorus flow  to soils to be 18.5 
Tg·P/y. 
 
P fertilizer has been applied to agricultural land without concerns over water loss, 
because inorganic P is strongly fixed in the soil preventing leaching (CAS 1978). Although 
phosphorus is an essential element for life, in aquatic environments a small quantity of 
phosphate may have large consequences. The excessive input of phosphorus may result in an 
algal growth that exceeds the normal uptake capacity of organisms provoking the 
eutrophication of waters.  
 
I-6. Eutrophication of naturals waters 
The urban Wastewater Treatment Directive 91/271/EEC (CEC 1999) defines 
eutrophication as the “enrichment of water by nutrients, especially compounds of nitrogen 
and/or phosphorus, causing an accelerated growth of algae and higher forms of plant life to 
produce an undesirable disturbance to the balance of organisms present in the water and to 
Introduction 
 16 
the quality of the water concerned” (EEA 1999b).This process has some well defined effects 
on the environment (Law 2000, EEA 2001):  
1) Increase of primary production. Growth of less desirable species as phytoplankton and 
cyanobacteria are associated with oligotrophic system.  
2) Increased oxygen concentration during the day as a product of photosynthesis and 
lower concentration during the night. The bacteria rotting the organic mater may decay 
oxygen from the water.  
3) Excessive amounts of phytoplankton and/or macroscopic plants in water create 
aesthetic problems. 
4) Total oxygen anoxia can result in the release of hydrogen sulphide from the sediment, 
causing death of lake bottom organisms. 
5) Turbidity, bad smell or taste, scums and odours due to the decomposition. Algae can 
block sunlight into the water.  
 
Blue-green algae know as cyanobacteria are aquatic organisms which have some 
properties characteristic of bacteria and of plants. They grow on the surface of rocks and 
stones, submerged plants or bottom sediment in lakes, rivers or sea. Some species of blue-, 
green algae produce chemicals that are harmful or toxic to both animals and humans causing 
skin and eye irritation, vomiting, diarrhoea, fever, pains in muscles and liver damage. Under 
specific conditions of nutrient concentrations, temperature, pH, light, and presence of 
organic solutes populations may grow to extremely high densities forming a thick surface in 
the top layer of the water column. When algae reach densities close to the carrying capacity 





Figure 6. Eutrophication of channel water in Leeds, U.K. 
 
There is a close relationship between quality of fresh water and microalgae; therefore, 
sometimes they are used as indicator of water quality. Several indexes have been proposed 
based on phytoplankton species composition of water, but they are difficult to measure and 
interpret because they are affected by local conditions (Chapman 1996). In clean fresh water 
there are a large quantity of species however in polluted water the number of species is 
reduced and one predominates (Livingston 2000). Growth rates of microorganisms are 
limited naturally by the availability of N and P, for example in lakes the limited 
orthophosphate concentration is below 0.003 mg/L (EEA 2007a). 
 
Phosphorus in natural freshwater is rarely found at high concentration as it is uptaken 
by plants or adsorbs into small particles. In most natural surface waters, P concentration 
ranges from 0.005 to 0.02 mg/L PO4 (Dunne and Leopold 1978). In pristine water 
phosphorus contents is 0.001 mg/L PO4 and in enclosed saline waters can arrive to 200 mg/L 
PO4 (Chapman 1996). In water management it is assumed that concentrations below 0.025 
mg P/L are unpolluted freshwater and total phosphorus concentrations above 0.050 mg P/L 
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are polluted waters (Leinswerber et al 2002). There are no aquatic criteria for dissolved 
phosphorus but the USEPA (USEPA 2000a; USEPA 2000b) recommended a maximum 
concentration of total phosphorus that should not exceed: 
• 0.05 mg/L in a stream discharging into a lake or reservoir. 
• 0.025 mg/L within a lake or reservoir 
• 0.1 mg/L in streams that do not discharge directly into lakes or reservoirs. 
• 0.01 mg/L in marine or estuarine water  
• Surface water maintained at 0.01 to 0.03 mg/L of total phosphorus tend to remain 
uncontaminated by alga blooms (Hutchinson 1957) 
Depending in the phosphorus concentration, water bodies are classed into categories, 
which are summarized in Table 3. 
 
Table 3. Categories as a function of phosphorus concentration (USEPA 2000a) 
Oligotrophic waters are clear and blue, with low levels of nutrients and algae. Mesotrophic 
waters have moderate levels of nutrients and algae. Eutrophic waters are green and murky, 




During the last decade eutrophication was observed in most of the rivers and lakes in 
developed countries due the increase of phosphate and nitrates entering in the water system. 
In 2003, 1000 rivers in Europe (EEA 2003) had total phosphorus concentrations higher than 
0.05 mg P /L, only 10% of the rivers had concentration below that. The lowest phosphate 
concentrations are in Nordic countries with mean concentration below 0.030 mg P/L 
(Leinswerber et al. 2002) Eutrophication in lakes is found in all the continents, Asia and the 
Pacific has 54% of the lakes are eutrophic, Europe 53%, Africa 28%, North America 48%, 
and South America  41% (ILEC 1988-1993; ILEC 1997). Eutrophication affects also marine 
diversity, fish, shellfish, and uses of marine coastal zones (EEA 1999a; 2001). 
 
I-7. Elimination of phosphate from water 
Phosphate recovery from effluent is technically feasible but expensive so it has been 
controlled primarily by limitations on urban and industrial sources (EEA 2007b). Different 
methods are used to eliminate phosphate from water:  
 
1) Chemical methods: Precipitation of phosphate from water using coagulants containing 
calcium, iron, aluminum or ammonium (Thistleton 2001; Douglas et al. 2004; Jaffer and 
Pearce 2004; Georgantas and Grigoropoulou 2007; Le Corre et al. 2007a, Le Corre et al. 
2007b). Afterwards is removed by mechanical method or adsorbed onto particles: 
• Lime Ca(OH)2  is added to the water until the solution reach alkaline pH where 
hydroxylapatite can precipitate:  
10 Ca2+ + 6 PO4
3- + 2 OH- ↔ Ca10(PO4).6(OH)2 ↓ 
• Alum or hydrated aluminum sulphate is widely used to precipitate aluminum 
phosphates. The basic reaction is: 
Al3+ + HnPO4




• Ferric chloride or sulphate and ferrous sulphate are used for phosphorous removal, 
although the actual reactions are not fully understood. The basic reaction is: 
Fe3+ + HnPO4
3-n ↔ FePO4 + nH 
• Precipitation of struvite is used in polluted areas by controlling pH of reaction: 
Mg2++ HnPO4
3-n + NH4
+↔ MgNH4PO4 + nH
+          
2) Biological methods: Some bacteria or algae (Bashan et al. 2002) are able to deplete 
phosphate dissolved in water incorporating it into their cells. 
3) Physical method: filtration of water to remove particulate phosphorus (True et al. 2004) 
 
I-8. Thesis plan 
 This thesis presents 5 chapters. The work begins with a review of the literature on the 
phosphorus environment issues present the major environmental problems due to human 
activity. During these three years I have studied the reactivity of phosphate minerals to 
understand the availability of phosphorus in natural environments. 
 
 Chapter I to V covers the main body of this thesis. I have been working with the main 
phosphate bearing minerals as variscite, strengite, rhabdophane and apatite. 
 
Chapter I and II study the role of variscite and strengite in controlling phosphate 
availability in acidic waters. Chapter I, looks at the variscite and strengite precipitation. 
(Acceppted in “Crystal Growth and Design (2009), 9, pp 5197-5205” Roncal-Herrero T., 
Rodríguez-Blanco J.D., Benning L.G., and. Oelkers E.H. Precipitation of iron and aluminum 
phosphate directly from solution as a function of temperature from 50 to 200°C).  Once that 
those minerals are formed, they may dissolve in waters and soils. Chapter II is focused in the 
dissolution of variscite. (Submitted to “Geochimica et Cosmochimica Acta” Roncal-Herrero 
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T., and. Oelkers E.H.  Does variscite control phosphate availability in natural waters? An 
experimental study of variscite dissolution rates.) 
 
Chapter III studies the role of struvite in polluted waters presenting high ammonium 
concentrations (To be submitted to “Envirmental Sciences and Technology” Roncal-Herrero 
T., and. Oelkers E.H.  Experimental study of struvite dissolution and precipitation rates as a 
function of pH) 
 
Chapter IV studies the role of rhabophane controlling availability of REE and 
phosphate concentration in natural waters (To be submitted to “Chemical Geology” Roncal-
Herrero T., Rodríguez-Blanco J.D., Benning L.G., and. Oelkers E.H. Precipitation of 
rhabdophane (REEPO4·nH2O) from supersaturated aqueous solution: Implications for the 
rare earth elements)  
 
Chapter V studies the role of apatite and rhabdophane in presence of iron and organic 
matter in controlling REE distribution in naturals waters (The role of phosphate minerals in 
controlling compositional REE patterns of natural waters) 
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Résumé en français de l’article: 
“Précipitation de phosphate de fer et aluminium directement de la 
solution aqueuse en fonction de la température de 50 à 100ºC” 
 
I-1. Introduction 
L’augmentation de la teneur en phosphate des eaux naturelles est devenue un 
problème environnemental majeur au cours des dernières années (ex. Bennett et al. 2001). Le 
phosphore est un élément indispensable à la vie mais, à de fortes concentrations dans les eaux, 
il provoque une croissance importante de la végétation.  
 
Les calculs thermodynamiques prédisent la précipitation des phosphates de fer et 
d’aluminium dans les eaux acides (3<pH<5) (e.g. Stumm et Morgan 1981).  Le but de cette 
étude est donc de comprendre et quantifier le contrôle par ces phases solides de la 
disponibilité du phosphate dans les eaux naturelles légèrement acides. 
 
I-2. Méthodes expérimentales 
La précipitation des phosphates étudiés a été réalisée dans des réacteurs fermés. 5 ml 
de solution 0.1 M Fe(NO3)3.9H2O ou Al(NO3)3.9H2O ont été mélangés avec 5 ml de 0.1 M 
KH2PO4 et 0.09 M KOH dans un réacteur en Téflon. Les solutions ont été préchauffées à 50 
ou 98ºC avant d’être mélangées. Le réacteur est placé dans une enceinte thermostatée à 25, 
50, 100 ou 200°C et est agité manuellement plusieurs fois par jour. Pendant les expériences, 
des échantillons ont été prélevés à intervalles de temps réguliers pour déterminer les quantités 
d’éléments enlevés de la solution par la précipitation des phases solides. Les échantillons 
prélevés ont été refroidis et centrifugés; le lixiviat est séparé et passé sur une membrane 
Introduction 
 25 
filtrante tandis que les solides ont été récupérés en vue de leur caractérisation. La structure des 
solides a été déterminée par diffraction des rayons X (DRX) et spectroscopie infrarouge en 
réflexion totale atténuée (FTIR-ATR). Les surfaces spécifiques des solides ont été mesurées à 
l’aide de la méthode BET par adsorption d’azote (Brunauer et al. 1938). Les solides précipités 
ont été observés par Microscopie Electronique à Balayage MEB-FEG et par Microscopie à 
Transmission de Haute Résolution (HR-TEM). L'aluminium en solution a été analysé par 
ICP-OAS. Le phosphore total été analysé par colorimétrie à 882 nm en utilisant la méthode du 
molybdate-ascorbique (Kuo 1996) et le fer total a été mesuré à 562 nm par la méthode de la 
ferrozine (Violler et Inglett 2000). 
 
I-3. Résultats principaux de l’étude 
L’identité, la taille, la morphologie et la surface BET des touts les solides obtenus dans 
cette étude sont données dans le Tableau I- 1. Les observations faites sur les phosphates de fer 
et d’aluminium sont résumées sur les Figures I-1 et I-2. Pour les deux types de phosphates, la 
précipitation commence avec la formation d’une phase amorphe. A basse température 
(T=50°C), ces phases amorphes sont stables au cours du temps, mais à température plus 
élevée (T≥100°C), une phase cristallisée apparaît après quelque temps. La surface spécifique 
des solides diminue lorsque la température augmente. 
 
Les valeurs du pH et de la composition chimique des solutions récupérées en fin 
d’expériences ainsi que leur index de saturation (S.I.) par rapport aux phases solides sont 
rassemblés dans les Tableau I- 2 et I-3. Les index de saturation, définis comme suit : 
)/(.. KIAPLogIS =  
(où IAP représente le produit des activités ioniques et K est la constante de dissociation du 
solide), ont été calculés avec PHREEQC et la base de données lnll. La précipitation des 
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phases amorphes est immédiate; dans la première minute, 90% de la quantité initiale de 
phosphate est enlevée de la solution pour former la phase amorphe métastable. 
Ultérieurement, ces solides se transforment en phases cristallisées. 
 
I-3.1. Le système de phosphate d’aluminium 
Les diagrammes des rayons X et les clichés MEB sont présentés dans les figures 3 et 
4. Les solides obtenus à 50 et 100ºC après 12 heures de réaction sont amorphes et présentent 
une morphologie sphéroïdale. A 100ºC, les petites sphères croissent avec le temps mais elles 
restent amorphes comme le montrent les clichés de MET-HR de la Figure I-5. Après 21 jours, 
on obtient un mélange de variscite et metavariscite qui présente des morphologies 
bipyramidale et prismatique. Les échantillons obtenus à 150ºC après 12 heures de réaction 
sont constitués de berlinite et de phosphate d’aluminium hydraté qui présentent une 
morphologie hexagonale et plate. A 200ºC, il se forme une phase anhydre. Cette évolution 
liée à une perte d’eau et la réorganisation structurale des solides est visible sur les spectres 
FTIR de la Figure I-6, les bandes de vibration sont détaillées dans le Tableau I-4.  
 
I-3.2. Le système de phosphate de fer 
Les diagrammes de rayons X et les clichés MEB sont présentés dans les Figure I-7 et 
I-8. Les solides obtenus à 50 et 100ºC après 12 heures de réaction sont amorphes avec une 
morphologie sphéroïdale comme le montre le cliché de MET-HR de la figure 9. Au bout de 5 
jours, cette phase amorphe s'est transformée en un mélange de strengite et phosphosiderite qui 
présente une morphologie en étoile et prismatique. A 150 et 200ºC, après 12 heures de 
réaction, on obtient une giniite ferrique. Cette évolution et la réorganisation de la structure 
sont visibles dans des spectres FTIR de la Figure I-10 et les bandes de vibration sont 




Les expériences réalisées pendant cette étude ont démontré que les phosphates, 
capables de contrôler le phosphore dissous dans les eaux naturelles, précipitent facilement. 
Ces phases précipitent sous forme amorphe puis se transforment en phases cristallisées sous 
l’effet de la température et du temps. 
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Despite this past work, our understanding of the nuclea-
tion, growth, and transformation of Al and Fe phosphate
minerals is still fragmented.Toward an improved understand-
ing of these processes, the present study quantifies the tem-
poral evolution of fluid and solid phases in supersaturated Al
or Fe phosphate solutions under acid conditions as a function
of temperature. The purpose of this paper is to report the
results of this experimental study and to use these results to
illuminate the role of iron and aluminum phosphates on
aqueous phosphate availability in natural waters.
2. Materials and Methods
Five milliliters of aqueous 0.1 M Fe(NO3)3 3 9H2O or Al-
(NO3)3 3 9H2O solutions were mixed with 5 mL of an aqueous
solution containing 0.1MKH2PO4 and 0.09MKOH in Teflon lined
reactors. All solutions were prepared with 18 MΩ Milli-Q grade
water, and the final pH for the Fe3þ, Al3þ, and PO4
3- stock solutions
was 1.7, 1.6, and 4.8, respectively. pHwas measured at 25 Cwith an
ORION pH-meter and a Toledo electrode calibrated with NBS
standard buffer solutions. The low pH of the solutions avoided the
formation of aluminum or iron hydroxides or mixed OH-, PO4
phases such as Al(OH)2H2PO4.
50 Experiments were conducted at
temperatures of 50, 100, 150, and 200 C. All aqueous solutions were
preheated prior to mixing. The solutions for the 50 C experiments
were preheated at 50 C, while the solutions for the g100 C
experiments were preheated to 98 C and then mixed in preheated
reactors. The reactors were immediately sealed and placed in a
preheated oven at the desired temperature.
The 100 C experiments were run a maximum of 21 days and
shaken three times per day. All other experiments were terminated
after 12 h and shaken three times during this period. In all experi-
ments, the 25 C pH of the mixed fluids was ∼1.6. Fluid/precipitate
suspensions were sampled regularly from the 100 C experiments
while in all other experiments the suspensions were sampled only at
the end of runs. All samples were quenched to 25 C immediately
before sampling.
The quenched samples in all experiments were centrifuged at
13,000 rpm to separate solid and liquid phases. The liquid phase
was filtered through a 0.2μmpolycarbonate filter. The final pHof the
fluid phase at the end of each experiment was measured at 25 C.
Aqueous phosphate was measured by ion chromatography (IC)
using a Dionex ICS 90. The filtered liquid phase was diluted with
0.1 M HNO3 solution prior to further analysis. Aqueous aluminum
concentrations were measured with an inductive coupled plasma
optical emission spectrometer (ICP-OES) using a Perkin-Elmer
Optima 5300DV, while total aqueous phosphorus and total aqueous
iron were measured by absorbance spectrophotometry using a
3000SeriesUV/visibleCecil CE3041 spectrophotometer. Phosphorus
was analyzed at a wavelength of 882 nm, using the ascorbic-molyb-
date blue method51 while iron was analyzed at 562 nm following the
ferrozine method.52
All solid phases were washed 3 times withMilli-Qwater to remove
excess salts and subsequently dried at room temperature. X-ray
powder diffraction (XRD) analyses were performed using a Philips
PW1050 diffractometer and Cu KR radiation (λ= 1.5406 A˚). Scans
were recorded between 5 and 70 2θ at a 0.1/min scan rate and a step
size of 0.08. Patterns were compared to the standard mineral files
compiled in the PDF2 database.53 Midinfrared spectra of the solids
were recorded from 650 to 4000 cm-1 using an A2-Technology
MicroLab Portable mid-IR spectrometer, with a diamond internal
reflection (DATR) sampling system. Spectra were recorded with a
4 cm-1 resolution by coadding 128 scans. Spectral manipulation
including baseline adjustment, smoothing, normalization, and band
component analysis was performed using the Thermo Nicolet OM-
NIC ESP 5.1 software package. Solids were imaged and analyzed
using a LEO 1530 Gemini field emission gun scanning electron
microscope (FEG-SEM), equipped with an Oxford Instrument en-
ergy dispersive X-ray (EDX) detector. Powders were placed on
aluminum stubs, coated with a 3 nm platinum layer, and imaged at
3 keV and a working distance of 4 mm. Selected samples were also
observed at high resolution using a Phillips/FEI CM200 FEG-
transmission electron microscope (HR-FEG-TEM) equipped with
an Oxford Instruments ISIS EDX system and selected area diffrac-
tion (SAED) capabilities. Samples were dispersed in ethanol and
deposited on holey carbon TEM grids and imaged at 197 keV. The
surface area of all solid samples was determined by the BET
method,54 using an 11-point nitrogen adsorption fit and a Micro-
Quantachrome instrument with samples degassed at room tempera-
ture for 20 h prior to analyses.
3. Results and Discussion
The identity, size, morphology, and BET surface areas
(SABET) of the formed solid phases for the aluminum and
iron system are presented in Table 1. A summary of all
experimental observations is provided in Figures 1 and 2. In
all experiments an amorphous aluminum or iron phosphate
phase with a spherical morphology precipitated immediately
after mixing of the solutions. When analyzed after 12 h, the
solids at 50 and 100 C remained amorphous while, at higher
temperatures, the amorphous phase recrystallized. Solids
obtained from the 100 C experiments after 9 or more days
were also crystalline. In the Al-system variscite, metavariscite
(both AlPO4 3 2H2O) and berlinite (AlPO4) formed while, in
the Fe system, strengite, phosphosiderite (both FePO4 3
2H2O), and ferric giniite (Fe5(PO4)4(OH)3 3 2H2O) formed.
The surface area of the recovered solids generally decreases
with increasing temperature. In the aluminum system, the
specific surface area decreases from ∼82 m2/g for the solid
synthesized at 50 C for 12h to∼2m2/g for the solid produced
at 200 C for 12 h. In the iron system, the specific surface area
decreased from152m2/g for solid synthesized at 50 C for 12h
to 10 m2/g for the solid produced at 150 C for 12 h. XRD
analyses confirmed the mineralogical composition, and the
infrared spectroscopic analyses confirmed the continual
Table 1. Identity, Size, Morphology, and Specific Surface Area of Solid Phases Recovered from the Aluminum and Iron Phosphate Experiments (AAP=










morphology SA BET (m
2/g)
amorphous 50 12 h AAP AlPO4 3xH2O - spheres 81.9
50 12 h AFP FePO4 3xH2O - 152.4
100 12 h AAP AlPO4 3xH2O 15 nm spheres -
100 12 h AFP FePO4 3xH2O 20 nm spheres 66.7
crystalline 100 9 days strengite FePO4 3 2H2O 1 μm stars 28.7
phosphosiderite 100 nm prisms
100 21 days variscite AlPO4 3 2H2O 5 μm bipyramid 49.5
metavariscite >100 μm prisms -
150 12 h AlPO4 3xH2O AlPO4 3xH2O; x= 1.1-1.3 0.8 μm tabular plates 5.3
berlinite AlPO4 1 μm hexagonal plates -
150 12 h ferric giniite Fe5(PO4)4(OH)3 3 2(H2O) 5 μm ball 10.0
200 ferric giniite Fe5(PO4)4(OH)3 3 2(H2O) 2 μm bipyramidal -
berlinite AlPO4 10 μm hexagonal plates 2.3
                                                                                                   I-Precipitation of Fe and Al phosphates
________________________________________________________________________________
30
Article Crystal Growth & Design, Vol. 9, No. 12, 2009 5199
dehydration of the Al and Fe phases with increasing tempera-
ture and time.
The pH, aqueous composition, and saturation index of
all fluid phases recovered at the end of each experiment
with respect to selected Al and Fe phases are listed in
Tables 2 and 3. The saturation indexes in these tables were
calculated using PHREEQC55 together with its llnl56 data-
base. The saturation indexes (S.I.) given in this table are
defined by
S:I: ¼ logðIAP=KÞ
where IAP refers to the reaction activity quotient and K
designates the equilibrium constant of the phase of interest.
The saturation index is thus positive when the solution
is supersaturated with respect to the phase but negative
when undersaturated. In both systems, amorphous phase
precipitation (amorphous aluminum phosphate, AAP,
and amorphous iron phosphate, AFP, respectively) occurs
once the two aqueous solutions are mixed. 90% of the
initial phosphate and aluminum or iron in aqueous solu-
tion was removed within the first minute, consistent with
the precipitation of metastable amorphous phosphate phases
via the Ostwald step rule.57 These solids can recrystallize with
time to form more thermodynamically stable phases. The
transformation of pseudospherical AAPorAFP to crystalline
phases is relatively slow at 100 C; AAP persisted for at least
12 days, and AFP persisted for at least 9 days. This transfor-
mation rate is relatively slow compared to that of amorphous
calcium phosphate (ACP), which transforms into crystalline
brushite (CaHPO4 3 2H2O) in less than 1 day at 25 C.
58 In
addition, amorphous calcium carbonate (ACC) transforms to
crystalline CaCO3 within 3 days at ambient temperature in a
dry state59 while in aqueous solution ACC transforms to
crystalline CaCO3 after ∼5 min.60
Thermodynamic calculations performed using PHR-
EEQC55 suggest that, below 54 C, the most stable phase in
the Al phosphate system is variscite, while, at higher tempera-
tures, berlinite is the stable polymorph. Corresponding calcu-
lations in the Fe phosphate system suggest that strengite is the
most stable phase at all temperatures e200 C, but these
calculationswere performed in the absence of thermodynamic
properties for ferric giniite, which are not available in the
literature. Thermodynamic calculations including metavaris-
cite and phosphosiderite were also not possible due to the lack
of data.
3.1. Aluminum Phosphate System. X-ray powder diffrac-
tion patterns and SEM images of solids obtained from the
aluminum phosphate experiments are shown in Figures 3
and 4. The solids obtained after 12 h at 50 and 100 C were
amorphous aluminum phosphate (AAP), which at 100 C
transformed after 21 days into a mixture of variscite and
metavariscite. Imaging revealed an isolated tabular prism of
metavariscite of >100 μm length, embedded in a matrix of
bipyramidal ∼5 μm variscite crystals (see Figure 4a). Sam-
ples collected after 12 h of reaction at 150 C consisted of a
mixture of three-dimensional hexagonal berlinite crystals
and hydrated aluminum phosphate which formed tabular
platy crystals both ∼1 μm in size (see Figure 4b). Samples
collected after 12 h of reaction at 200 C consisted of pure
berlinite, again characterized by a hexagonal crystal habit,
but at this temperature, the crystals were ∼5-10 μm in size
(see Figure 4b).
Further insight into the solid phase transformation pro-
cess was obtained from the HR-TEM images of the solids
collected from the 100 C experiment at various times
(Figure 5). The initial solids exhibit pseudospherical
morphologies and diameters of 20 nm (Figure 5a). After 12
days of reaction at 100 C (Figure 5b), the spheres grow,
attaining a diameter of ∼40 nm. An internal nucleus is
apparent in some of these particles, although the structure
remains amorphous, as indicated by the electron diffraction
shown in Figure 5d. As mentioned above, the X-ray diffrac-
tion pattern in Figure 3 shows that this solid transforms into
crystalline variscite and metavariscite after 21 days of reac-
tion (see Figures 3b and 4a).
FTIR spectra of the various synthesized aluminum phos-
phate phases and the assignments for each spectrum are
shown in Figure 6 and Table 4, respectively.61-64 The most
obvious changes upon heating are a decrease in the inten-
sities and sharpening of the broad band between ∼3000 and
Figure 1. Summary of results obtained in the aluminum phosphate
system as a function of time and temperature. The shape of the
synthesized solid is indicated by the schematic illustration in each box.
Figure 2. Summary of results obtained in the iron phosphate system
as a function of time and temperature. The shape of the synthesized
solid is indicated by the schematic illustration in each box.
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3500 cm-1 and a decrease in intensity of the band around
∼1650 cm-1. These bands represent water molecules asso-
ciated with hydrated aluminum phosphate, O-H stretching,
and H-O-H bending modes, respectively. The band at
∼826 cm-1 is assigned to the librational water mode. With
increasing temperature, these bands sharpen or disappear
due to water loss. This is in agreement with the XRD data
that also showed that the water content of the solids
decreases with increasing temperature; the solid is the
dehydrated phase at 200 C. The main phosphate bands
are present between ∼920 and ∼1250 cm-1. They either
increase in intensity, as is the case for band no. 6, correspond-
ing to a PO4 stretching mode, or become sharper, as is the
case for band no. 7, corresponding to a PO4 symmetric
stretching mode with increasing temperature. This reflects
an increase in crystallinity and a change in PO4 bonding
within the structure of the formed phases. The bands at
∼1050 cm-1 (band no. 7) and ∼946 cm-1 (band no. 8) were
assigned to P-O symmetric stretching modes of PO4 units in
the solids. Interestingly, the band at 947 cm-1 should be IR
inactive but is present due to the reduction of symmetry
induced through the hydrogen bonding of water-pho-
sphate.63 PO4 antisymmetric stretching vibrations appear
at >1077 cm-1. The presence of symmetric and antisym-
metric vibrations suggest multiple PO4 species in the solid
sample.63 Finally, the band at ∼700 cm-1 (band no. 10)
corresponds to the Al-O mode,61-64 and it increases in
intensity with increasing temperature (see Figure 6). Spec-
trum d in Figure 6 represents pure berlinite formed after
12 h at 200 C; the existence of this anhydrous phase is
again confirmed by the absence of the water peaks in this
spectrum.
3.2. Iron Phosphate System. X-ray powder diffraction
patterns of synthesized iron phosphate phases (Figure 7)
indicate that the solid formed after 12 h of reaction at 50 and
100 C was amorphous iron phosphate (AFP). At 100 C,
this AFP transformed within 5 days into strengite and
phosphosiderite dimorphs. After 12 h of reaction at 150
and 200 C, ferric giniite with the chemical formula Fe5-
(PO4)4(OH)3 3 2H2O was observed.
SEMphotomicrographs of selected synthesized iron phos-
phates are shown in Figure 8 while HR-TEM images from
the iron phosphate precipitates obtained at 50 C after 12 h
of reaction are presented in Figure 9. The HR-TEM images
confirm that the AFP obtained at 50 Cwas amorphous and
Table 2. Summary of the Fluid Chemistry in the Aluminum Phosphate Experiments, Showing Temperatures, Elapsed Times, Final pH, Concentration of
Aqueous Species, asWell as log(IAP) and the Initial and Final Saturation Indexes (S.I.) for the Various Al Phases Present in the Experiments and Boehmite,
Al(OH)3, Calculated by PHREEQC
log(IAP) S.I.
variscite, metavariscite, berlinite berlinite variscite boehmite
T (C)
experiment
duration pH Al (mmol/L) PO4 (mmol/L) initial final initial final initial final initial final
50 12 h 1.7 39.16 35.74 -19.90 -20.10 0.91 0.72 1.1 0.9 -2.65 -2.71
12 h 1.7 36.53 23.76 -19.87 -21.02 3.3 2.16 1.13 -0.01 0.01 -0.92
100 21 days 1.9 6.19 -19.87 3.3 1.13 0.01
150 12 h 1.5 6.27 1.29 -21.95 -24.19 3.63 1.41 -0.96 -3.18 0.37 -0.27
200 12 h 1.4 6.15 1.33 -23.60 -25.81 4.56 2.36 -2.6 -4.8 1.4 0.74
Figure 3. XRD patterns of solids obtained as a function of tem-
perature during aluminum phosphate synthesis: (a) amorphous Al
phosphate synthesized at 50 or 100 C for 12 h; (b)metavariscite (M)
and variscite (V); the 19.49 A˚ reflection is common for bothminerals
(M/V) synthesized at 100 C for 21 days; (c) AlPO4 3 xH2O; x =
1.1-1.3 (H) and berlinite (B) synthesized at 150 C for 12 h; (d)
berlinite at 200 C for 12 h. The latter patterns match closely the
reference patterns for variscite (PDF 08-0157), metavariscite (PDF
33-0032), AlPO4 3 xH2O, x= 1.1-1.3 (PDF 15-0265), and berlinite
(PDF 20-0045).
Table 3. Summary of the Fluid Chemistry in the Iron Phosphate Experiments, Showing Temperatures, Elapsed Times, Final pH, Concentration of Aqueous
Species, as Well as the log(IAP) and the Initial and Final Saturation Indexes (S.I.) for the Various Fe Phases Present in the Experiments and Goethite,
FeOOH, Calculated by PHREEQC
log(IAP) S.I.
strengite, phosphosiderite ferric giniite strengite goethite
T (C)
experiment
duration pH Fe (mmol/L) PO4 (mmol/L) initial final initial final initial final initial final
50 12 h 1.64 -21.91 -125.12 4.09 2.68
12 h 1.64 0.775 1.08 -21.72 -23.73 -120.98 -130.15 4.27 2.27 4.25 3.10
100 9 days 1.48 0.027 0.23 -21.72 -25.67 -120.98 -140.49 4.27 0.33 4.25 0.53
150 12 h 1.51 0.04 3.18 -22.58 -25.80 -123.48 -138.76 3.42 0.20 4.27 1.89
200 12 h 1.4 0.01 3.24 -23.62 -27.73 -126.98 -146.40 2.37 -1.73 4.77 1.76
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consisted of grains that were ∼20 nm in size. The solids
recovered from the 100 C experiments after 9 days of
reaction consist of a mixture of 1 μm sized strengite stars
and 100 nm phosphosiderite prisms (Figure 8a). At higher
temperatures, ferric giniite is formed. Precipitated ferric
giniite morphologies and sizes vary significantly with synth-
esis temperature. The 150 C solids form rough 5 μm spheres
(Figure 8b), and the 200 C solids form 2 μm bipyramidal
crystals with smooth surfaces (Figure 8c). Although these
precipitated ferric giniite samples have different morpholo-
gies, their structure is identical, as demonstrated by the
X-ray diffraction patterns (Figure 7c). Frost et al.65 also
produced synthetic ferric giniite from aqueous solutions at
120 C after 2 days; their solids exhibited similar morphol-
ogies to those of the spherical crystals obtained in this study
at 150 C.
FTIR spectra of the various synthesized iron phosphate
phases and the assignments for each spectrum are shown in
Figure 10 and Table 5, respectively.62,63,65 The most obvious
changes upon heating are a decrease in the intensities of
bands no. 1 (not show in Figure 10) positioned between
∼3000 and 3500 cm-1 and a decrease in intensity of the band
no. 3, around ∼1650 cm-1. These bands represent water
molecules, O-H stretching, and H-O-H bending modes,
respectively. With increasing temperature, these bands dis-
appear due to water loss. The main phosphate bands are
present between∼923 and∼1152 cm-1. They either increase
in intensity, as is the case for band no. 7, corresponding to a
PO4 stretching mode, or become sharper as with band no. 8,
corresponding to a PO4 symmetric stretching mode with
Figure 5. HR-TEM images of AAP obtained (a) just after mixing
and (b) after heating at 100 C for 12 days. (c) Details of a single
AAP grain shown in part b. (d) Electron diffraction pattern of the
grain shown in part c.
Figure 4. SEM photomicrographs of (a) variscite (V) and metavar-
iscite (MV), synthesized at T = 100 C for 21 days; (b) hydrous
AlPO4 3xH2O (H) and berlinite AlPO4 (B) synthesized at 150 C for
12 h; (c) berlinite synthesized at T= 200 C for 12 h.
Figure 6. FTIR spectra of aluminum phosphates. Main bands are
indicated by numbers above the spectra, and corresponding details
of band assignements are described in Table 4 and in the text. (a)
AAP synthesized at 50 C taken from solution just after mixing; (b)
variscite and metavariscite synthesized at 100 C for 21 days; (c)
hydrous AlPO4 3xH2O and berlinite synthesized at 150 C for 12 h;
(d) berlinite at 200 C for 12 h.
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increasing temperature. This reflects an increase in crystal-
linity and a change in PO4 bondingwithin the structure of the
formed phases. At higher temperature, phosphate peaks
move to higher wavelengths, indicating that the structure
becomes more ordered. PO4 antisymmetric stretching vibra-
tions appear at>1013 cm-1. The presence of symmetric and
antisymmetric vibrations suggests the presence of multiple
PO4 species in the solid sample.
60 For example, ferric giniite
obtained after 12 h of reaction at 150 or 200 C (Figure 10c)
exhibits an antisymmetric stretching phosphate vibration at
1063 cm-1 and symmetric stretching phosphate group vibra-
tions at 989 and 923 cm-1. The band at 923 cm-1 may be
ascribed to a second PO4
3- unit. This suggests that the
phosphate units are not equivalent in the giniite structure.65
Finally, the band at ∼760 cm-1 corresponds to the Fe-O
mode,62 and it increases in intensity with increasing tem-
perature (Figure 10).
3.3. Evolution of Solution Chemistry. Insight into the
evolution of the experiments described above can be gained
by consideration of the saturation state of the fluid phase
with respect to potential precipitating phases. The precipita-
tion reactions for berlinite, variscite, and metavariscite are
Table 4. Main FTIR Bands for the Aluminum Phosphate Spectra in Figure 4
wavenumbera (cm-1)
band no. (a) (b) (c) (d) bonds assignmentsb ref
1 ∼3595 O-H ν 63
2 ∼2659-3674 ∼2677-3543 ∼3000-3400 O-H ν 63
3 ∼1648 ∼1647 ∼1650 H-O-H δ 63
4 ∼1168 ∼1250 ∼1256 PO4 ν 63
5 ∼1077 ∼1142 PO4 ν 62-64
6 ∼1051 ∼1038 ∼1112 ∼1110 PO4 ν 62, 63
7 ∼1050 PO4 ν 62-64
8 ∼931 ∼946 PO4 ν 63
9 ∼826 librational water 63
10 ∼708 ∼732 ∼723 Al-O 62-64
a (a) amorphous Al phosphate synthesized at 50 C or 100 C for 12 h; (b) metavariscite and variscite synthesized at 100 C for 21 days; (c)
AlPO4 3xH2O, x= 1.1-1.3, and berlinite synthesized at 150C for 12 h; (d) berlinite synthesized at 200 C for 12 h.
b ν= stretching; δ= bending.
Figure 7. XRD patterns of iron phosphate solids obtained as
a function of temperature during their synthesis: (a) amorphous
Fe phosphate (AFP) synthesized at 50 or 100 C for 12 h; (b)
strengite (S) and phosphosiderite (P) synthesized at 100 C for
9 days; (c) ferric giniite (G) at 150 or 200 C after 12 h. The latter
patterns match closely the reference patterns for strengite (PDF 15-
0513), phosphosiderite (PDF 33-0666), and ferric giniite (PDF
45-1436).
Figure 8. SEM photomicrographs of (a) mixed strengite (S) and
phophosiderite (P) synthesized at T = 100 C for 9 days and of (b)
ferric giniite synthesized atT=150 C (c) and atT=200 C for 12 h.
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given by
Al3þ þPO43- ¼ berlinite
Al3þ þPO43-þ 2H2O ¼ variscite
and
Al3þ þPO43-þ 2H2O ¼ metavariscite
By adopting a standard state of unit activity for pure
water, the ion activity products (IAP) of these three phases
are identical and given by
IAP ¼ aAl3þaPO-4
Values of the IAP of berlinite, varsicite, and metavariscite
in the initial and final fluids of each experiment are listed in
Table 2. These IAP values decrease in all experiments,
consistent with the precipitation of an aluminum phosphate
phase. The saturation index of the final fluids in the 50 C
experiment is supersaturated with respect to both variscite
and berlinite, consistent with the precipitation of the meta-
stable amorphous phase (AAP). The saturation index of the
final fluids in the 100 C experiment is close to saturation
with respect to variscite but supersaturated with respect to
berlinite, consistent with variscite precipitation. At 150 and
200 C, the final fluids are supersaturated with respect to
berlinite but undersaturated with respect to variscite, con-
sistent with berlinite precipitation. The S.I. for berlinite in
these solutions suggests that the ion activity product is ∼2
orders of magnitude higher than that for berlinite equili-
brium. This suggests that the aqueous activities of Al3þ and
PO4
3- are on average approximately 1 order of magnitude
greater in these solutions then they would be at equilibrium
with berlinite. This difference can be due to several factors
including the following: (1) the reactive solution has yet to
attain equilibrium with the solid phase or (2) there are
uncertainties in the thermodynamic database used to calcu-
late the saturation index.
For the iron phosphate system the precipitation reactions
for ferric giniite, strengite, and phosphosiderite are given by
5Fe3þ þ 4PO43-þ 3OH-þ 2H2O ¼ ferric giniite
Fe3þ þPO43-þ 2H2O ¼ strengite
and
Fe3þ þPO43-þ 2H2O ¼ phosphosiderite
and by again adopting a standard state of unit activity for
pure water, the ion activity for strengite and phosphosiderite
are given by
IAP ¼ aFe3þaPO-4
and that for ferric giniite is given by
IAP ¼ a5Fe3þa4PO3-4 a
3
OH-
Values of the IAP of ferric giniite, strengite, and phospho-
siderite of the initial and final fluids of each experiment are
listed in Table 3. The IAP decreases in all the experiments,
consistent with the precipitation of an iron phosphate phase.
The saturation index of the final fluids in the 100 C experi-
ment is saturated with respect to strengite, consistent with
its precipitation. The saturation index of the final fluids at
Figure 9. HR-TEM images of AFP: (a) general overview of parti-
cles; (b) high resolution detail from a single AFP grain; (c) electron
diffraction pattern of grains shown in part b.
Figure 10. FTIR spectra of iron phosphate phases. Main bands are
indicated by numbers above the spectra, and corresponding details
of band assignements are described in Table 5 and in the text.
Spectra: (a) AFP synthesized at temperature 50 Cat initial time; (b)
mixed strengite and phosphosiderite synthesized at 100 C after
9 days; (c) ferric giniite synthesized by heating at 150 or 200 C
for 12 h.
Table 5. Main FTIR Bands for the Iron Phosphate Spectra in Figure 8
wavenumbera (cm-1)
band no. (a) (b) (c)
bonds
assignmentsb ref
1 ∼3496 ∼3597 ∼3348 O-H ν 62, 65
2 ∼1631 ∼1624 ∼1574 H-O-H δ 62, 65
3 ∼1152 PO4 ν 62, 63, 65
4 ∼1120 PO4 ν 62, 65
5 1056 ∼1063 PO4 ν 62, 63, 65
6 ∼1013 PO4 ν 62, 63, 65
7 ∼985 ∼986 ∼989 PO4 ν 62, 63, 65
8 ∼912 ∼923 PO4 ν 62, 65
9 ∼767 ∼756 Fe-O 65
a (a) AFP synthesized at temperature 50 C at initial time; (b) mixed
strengite and phosphosiderite synthesized at 100 C after 9 days; (c)
ferric giniite synthesized by heating at 150 C or 200 C for 12 h. b ν=
stretching; δ= bending.
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Résumé en français de l’article: 
«La variscite contrôle-t-elle la disponibilité du phosphate dans les 
eaux naturelles acides ?: Une étude expérimentale de la vitesse de 
dissolution de la variscite» 
 
II-1. Introduction 
Le phosphore est essentiel pour la vie, mais à de fortes concentrations dans les eaux, il 
provoque une croissance importante de la végétation et à basses concentrations, il ne permet 
pas le développement de la vie. Le contrôle de la concentration des phosphates dans les 
systèmes naturels est exercé par les phases solides phosphates (e.g. Lindsay, 1979). La 
variscite (AIPO4
.2H2O) a une solubilité faible et le calcul thermodynamique suggère que c’est 
la phase phosphate la moins soluble à pH compris entre 3 et 6 (Stumm et Morgan, 1986). 
 
Pour étudier le rôle de la variscite dans le système naturel, les vitesses de dissolution 
ont été mesurées à 25°C en fonction du pH. Ces vitesses de dissolution sont utilisées pour 
faire des calculs cinétiques et comprendre le rôle de ces minéraux dans le système naturel. 
 
II-2. Méthodes expérimentales 
Dans cette étude, la variscite naturelle du Colorado (USA) a été utilisée. Après 
broyage, la fraction de 50 à 200 µm a été nettoyée. La nature de ce minéral a été étudiée par 
diffraction de rayons X. La composition déterminée par analyses à la microsonde est la 
suivante (Alx,Fey)(PO4)z
.2H2O où  x= 0.83 - 0.95, y= 0.09 - 0.22, et z= 0.99 - 1.01. La 
composition est présentée dans le Tableau II-1. La surface spécifique des solides, mesurée par 
la méthode BET par adsorption d’azote liquide, est de ~12 m2/g. L’observation des grains, 
effectuée par MEB, a permis de voir la grande porosité des grains. Les expériences de 
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dissolution ont été conduites dans des réacteurs fermés et à circulation des pH compris entre 
1.5 et 9. La composition initiale des fluides est présentée dans le Tableau II-1. Le pH a été 
mesuré pour chaque échantillon. L’aluminium a été déterminé par colorimétrie en utilisant la 
méthode de Dougan et Wilson (1974) et mesuré à 585 nm. Le phosphate a été mesuré par la 
méthode de Murphy et Riley (1962). 
 
La vitesse de dissolution de la variscite est déterminée à partir de l'évolution de la 
concentration d’Al et P dissous à l’approche de l’équilibre thermodynamique. La vitesse de 
dissolution dans le réacteur fermé est calculée à partir de la représentation de la variation de 

















=       (5) 
ou ri est la vitesse de dissolution en Al ou P, ci est la concentration d'i
ème élément, t est le 
temps, Mr est la masse de liquide dans le réacteur, υi est un coefficient qui represent le 
mombre de moles d’ième élément présent dans une mole de variscite, et S est la surface totale 
du minéral. 
 









=                                                                                       (6) 
où [ci]in et [ci]out  représentent la concentration d’i
ème élément et FR et le débit de sortie du 
fluide. 
 
II-3. Résultats principaux de l’étude et discussion 
Les résultats obtenus pour les systèmes fermés ainsi que ceux à circulation sont dans le 
Tableau II-3, quelques clichés MEB de la variscite avant et après expériences sont dans la 
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Figure II-1. La variation de la concentration aqueuse au cours du temps est présentée dans la 
Figure II-2.  
 
La libération d'Al et de P diminue avec le temps au fur et à mesure que l'équilibre 
s'approche. En général,  le taux Al/P dans la solution est équivalent à celui du solide initial. 
Dans des expériences où le pH >4, ce taux est plus petit que le taux initial, probablement à 
cause de la précipitation d'oxydes d’aluminium ou de phosphates d’aluminium amorphes 
comme le prévoit les calculs thermodynamique. Mais l'identification de cette précipitation n’a 
pas été possible.  
 
Comme dans d'autres études (Wieland and Stumm, 1992 ; Köhler et al., 2003), la 
vitesse de dissolution a été calculée par une équation empirique dépendant du pH. Cette 
équation est représentée dans la Figure II-3 et décrit la vitesse de dissolution de la variscite 
avec une incertitude de 0.5 unité log. Elle est définie comme:  
 
 r/(mol/cm2/s) = 10-15.28 pH-0.24 +  10-17.49 pH+0.26   (7) 
 
La Figure II-4 compar la vitesse de dissolution calculée avec cette équation (7) et celle 
de la vivianite et de la fluorapaite pour les pH compris entre 3 et 6. La variscite présente un 
pH entre 1.5 et 4, ordre de magnitude plus petite que celle de l’apatite ou la vivianite. Même 
si cette vitesse est petite par rapport à d'autres phosphates, elle est suffisamment rapide pour 
contrôler la disponibilité du phosphate dans une eau acide. Les calculs cinétiques, réalisés 
avec PHREE, montre qu'un sol avec 30% de porosité et 0.1% w.t. de variscite équilibré avec  
le diaspore arrive à 90% de l’équilibre en 5 heures. Si la précipitation du diaspora est prise en 
compte, il faut 100 jours pour atteindre 90% de l’équilibre. 
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Cette hypothèse de dissolution rapide est confortée par les données d'eaux naturelles; 
l’activité d'Al et de P des eaux naturelles sont à l'équilibre ou sont supersaturées par rapport à 
la variscite comme le montre la Figure II-6. 
 
II-4. Conclusion 
La mesure expérimentale, le calcul cinétique et les observations de données naturelles, 
suggèrent que même si la vitesse de dissolution de la variscite et plus faible que celle des 
autre phosphates, le processus de dissolution et de précipitation de phases amorphes de la 
variscite est capable de contrôler la concentration de phosphate dans les systèmes naturels à 
pH acide.  
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DOES VARISCITE CONTROL PHOSPHATE 
AVAILABILITY IN ACIDIC NATURAL WATERS? AN 
EXPERIMENTAL STUDY OF VARISCITE DISSOLUTION 
RATES 
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ABSTRACT: The dissolution rates of natural well crystallized variscite (AlPO4.2H2O) 
were determined from the evolution of aqueous Al and P concentrations in closed and open-
system mixed-flow reactors at 25° C and pH from 1.5 to 9. Measured dissolution rates 
decrease with increasing pH from 5x10-16 mol/cm2/s at pH=1.5 to 4x10-17 mol/cm2/s at pH=5 
and then increase with increasing pH to 3x10-15 mol/cm2/s at pH=9.6.  Estimates of the 
amount of time required to equilibrate a mildly acidic, initially Al and P-free solution with 
variscite based on measured dissolution rates and solubility products suggests it takes no 
more than several weeks to equilibrate soil pore fluids with this mineral.  This result suggests 
that variscite can buffer aqueous phosphate concentrations in mildly acidic near surface 
environments.  This conclusion is confirmed by consideration of the compositions of natural 
waters. 
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II-1. Introduction 
Phosphorus is an essential element for life, yet if its concentration is too high aqueous 
phosphate can lead to eutrophication and environmental damage (Oelkers and Valsami-Jones, 
2008). Knowledge of the dissolution and precipitation rates of the major phosphate bearing 
minerals should help us to better understand and potentially control the concentrations of 
phosphate in natural waters.  Among phosphate minerals, variscite (AlPO4
.2H2O) has been 
postulated to control phosphate concentrations in acidic natural waters (e.g. Linsday, 1979). 
Support for the role of variscite in buffering natural water compositions stems from its low 
solubility; thermodynamic calculations indicate that variscite is the least soluble major 
phosphate mineral at 25° C and 3<pH<6 (Stumm and Morgan, 1996). An essential factor for 
mineral buffering is that its dissolution/precipitation rates are sufficiently fast to assure rapid 
mass transfer into and out of the aqueous phase.  To assess its potential role in buffering 
phosphate availability, variscite dissolution rates have been measured at 25˚C as a function of 
pH in both closed and open-system reactors.  The purpose of this paper is to present the 
results of these experiments and use these results together with field observations to 
determine the role of variscite in controlling phosphate availability in acidic natural waters.  
 
Variscite is one of the most common aluminum-phosphate mineral in nature. Variscite 
is isostructural with strengite (FePO4.2H2O); these two minerals form a complete solid 
solution (Huminicki, 2002; Taxer and Bartl, 2004).  Both minerals are orthorhombic and have 
a framework of alternating PO4 tetrahedra and Fe or Al tetrahedral.  Variscite can form from 
the interaction of phosphate-rich meteoric waters with aluminum bearing rocks (Duggan et 
al., 1990), in mine soils (Alvarez-Rodriguez et al., 1996), in bat guano deposit (Shahack-
Gross et al., 2004), and in cave environments (Moro-Benito et al., 1995).  Amorphous 
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aluminum phosphate phases have been reported to form in acid soils (Kumar et al., 1991; 
Rodriguez et al., 1996). 
 
The rates of interaction among aqueous fluids and various phosphate minerals have 
been studied in the past.  These studies include work on the dissolution and/or precipitation 
rates of apatite (Christoffersen, et al. 1998; Valsami-Jones, et al., 1998; Welch, et. al., 2002; 
Guidry and MacKenzie, 2003; Köhler et al., 2005; Chaïrat et al., 2006; Goyne et al., 2006; 
Harouiya et al., 2007), monazite (Oelkers and Poitrasson, 2002; Seydoux-Guillaume, 2002; 
Poitrasson et al., 2004), vivianite (Thinnappan et al., 2008), britholite (Chaïrat et al., 2006; 
Kamel et al., 2007), strengite (Petticrew and Arocena, 2001), and struvite (Battistoni et al., 
1997, Doyle and Parsons, 2002; Le Corre et al., 2007).  To date no measurement of variscite 
dissolution rates have been reported in the literature.  
 
II-2. Theoretical background 
The standard state adopted in this study is that of unit activity for pure minerals and H2O 
at any temperature and pressure.  For aqueous species other than H2O, the standard state is 
unit activity of the species in a hypothetical 1 molal solution referenced to infinite dilution at 
any temperature and pressure.  Variscite dissolution can be described as 
Variscite = Al3+ + PO4
3- + 2H2O      (1)  




 =1 equation 
(1) can be written  
 var =isciteK −+ 3
4
3 POAl
aa       (2) 
where Kvariscite stands for the equilibrium constant of reaction (1), and ai represents the 
activity of the subscripted aqueous species.  Note that although the natural variscite used in 
the present study was a solid solution containing some Fe, owing to the lack of an accurate 
II-Dissolution of Al phosphate 
 47 
solid solution model for natural variscite, all calculations in the present study were made 
assuming this sample was pure stoichiometric variscite.  Thermodynamic calculations 
reported in this study were performed using the PHREEQC computer code (Parkhurst, 1998) 
together with its llnl database after adding equilibrium constants for the variscite dissolution 
reaction taken from Stumm and Morgan (1981) and from Linsday (1979). 
 
A large number of studies have reported that mineral dissolution rates (r) decrease as 
equilibrium is approached in accord with (Aagaard and Helgeson, 1982; Lasaga, 1981; Berger 
et al., 1994; Gautier et al., 1994; Oelkers, 2001) 
))/(exp(1 RTArr σ−−= +  ,    (3) 
where r+ refers to the forward dissolution rate, R designates the gas constant, T signifies 
absolute temperature, σ stands for Temkin's average stoichiometric number equal to the ratio 
of the rate of destruction of the activated or precursor complex relative to the overall rate, and 













=     (4) 
where IAP, K, and S.I. refer to the reaction activity quotient, equilibrium constant, and 
saturation index of the mineral dissolution reaction.  The degree to which variscite dissolution 
rates are slowed due to the approach to equilibrium in the experiments reported in this study 
is discussed below. 
 
II-3. Material and methods. 
Natural variscite from Colorado U.S.A. was initially crushed with a hammer covered by 
a plastic sheet. Three distinct variscite pieces were ground with an agate mortar. The resulting 
powder was manually sieved; the 50–200 µm size fraction was cleaned ultrasonically in 
alcohol. The identity of variscite powder was confirmed by X-ray powder diffraction (XRD) 
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using an INCEL CPS 120 diffractometer with Co-radiation (λ=1.78 Å). Scans were 
performed from 15 to 80º; 2θ at 0.09º/min, and step size of 0.029º. The resulting diffraction 
pattern was compared with patterns compiled in PDF2 database file. The natural varisite 
pattern matches closely the PDF file 25-0019 of variscite. Representative variscite grains 
were chemically analyzed using a Camebax SX50 electron microprobe. The accelerating 
voltage for the electron beam was 15KV and the filament current 10nm. Analysis lasted 8 
minutes and the beam was regularly moved to avoid water evaporation from the mineral. The 
composition of the three variscite samples were determined using 10 different scans spots; 
the average oxide composition of each is presented in Table II-1. The chemical formula of the 
three variscite samples used in the experiments are consistent with (Alx,Fey)(PO4)z
.2H2O 
where x= 0.83 - 0.95, y= 0.09 - 0.22, and z= 0.99 - 1.01.  
 
Table II-1. Chemical composition of the variscite samples used in the present study. Values are 
in oxide percent and were determined by microprobe; reported values are the average of at least 
5 scans based on a variscite composition normalized to 3 oxygen. H2O content was calculated by 
difference.  Sum Ox% refers to the sum of the oxide percents. SBET represented the specific 
surface area measured by nitrogen adsorption. 
 
Crystals were imaged using a JEOL JSM-6360LV Scanning Electron Microscope 
(SEM). Samples were placed on aluminum stubs and coat with 5 nm coal layer and imaged at 
15 KeV and working distance of 10 nm. Such images, as shown in Figure II-1a and b, show 
the resulting powder to be essentially free of fine particles, but to be highly porous. The 
grains exhibit some minor cracks of less than 3% of the total grain volume that were filled 
with different minerals including barite, quartz, and an Fe-Ca silicate.  The specific surface 
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area of the cleaned powders was determined by 11-point nitrogen adsorption using the BET 
method (Brunauer et al. 1938) with a Quantrachrome Instruments. Prior to analysis, samples 
were degassed at 45ºC for 72 hours. The average specific surface area is ~12 m2/g, consistent 
with the high porosity observed in the SEM analysis. 
 
Closed-system variscite dissolution experiments were performed using sample V2 (see 
Table II-1).  These experiments were performed using reactors similar to those described by 
Harouiya et al. (2007).  Closed-system reactors consisted of acid-washed polypropylene 
Nalgene vessels filled with approximately 250 mL of reactive solution. ~0.24 to 0.5 grams of 
initial solid was placed into the reactor which was then sealed with Teflon reactor cover. The 
reactors were then placed into a mechanical bath-shaking table held at 25 ± 0.5 °C. The 
compositions and pH of inlet solutions composition and the initial mass of variscite in all 
closed-system experiments are listed in Table II-2.  All initial solutions were prepared with 
18 Ω Milli-Q grade water. Reactor fluids were regularly sampled using a syringe and samples 
were filtered immediately through a 0.22 µm Millipore Nitrocellulose filter prior to analysis. 
 
Open-system dissolution experiments were performed using variscite samples Vo4 and 
Vo5; the identity of the starting solid sample is noted by the prefixes of the experiment 
numbers listed in Table II-2.  These experiments were performed in mixed-flow reactors 
consisting of 140 ml Savillex fusion vessels similar to those described by Chairat et al. 
(2007). These reactors were fitted with Nalgene tubes for inlet and outlet fluid passage. 
Dissolution experiments were initiated by placing ~1.5 g of variscite powder into the 
reactors. The reactors were then filled with inlet solution and further inlet solution was 
pumped into the reactors at a constant rate with Gilson peristaltic pumps.  Outlet reactive 
fluids passed through a 0.22 µm Millipore Nitrocellulose filter while exiting from the reactor. 
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Teflon coated stirring bars were used to mix the powder/fluid mixture in the reactor. Outlet 
solutions were collected regularly for analysis.   
 
1) KHPht refers to potassium hydrogen phthalate. 2) Borax refers to sodium tetraborate 
 
Table II-2. pH, composition of inlet solutions, and the initial surface area (S) of 
variscite in all experiments preformed in this study.  The prefixes V2, Vo5 and Vo4 
correspond to the variscite sample used in the experiment. 
 
In all experiments, pH was measured at 25 ºC within a few hours of sampling using a 
Metrohm 744 pH meter coupled to a Metrohm  Pt1000/B/2 Electrode with a 3 M KCl outer 
filling solution. The electrode was calibrated with NBS standards at pH 4.01, 6.86, and 9.22 
with an average uncertainty of ± 0.05 pH units. Aqueous phosphate concentration was 
determined using a colorimetric method by adding heptamolybdate, ascorbic acid, and 
aqueous H2SO4 to the sample (Murphy and Riley, 1962).  This method has an analytical 
uncertainty of ±8%.  Aqueous aluminum was also determined colorimetrically using 
cathecol, hydroxylamine, and hexamine in aqueous HCl media measured at 585 nm (Dougan 
and Wilson, 1974) with an uncertainty of ±2 %. 
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Steady-state rates were determined from Al and PO4 concentration of the outlet fluids. 
Variscite dissolution rates from closed-system experiments were obtained from the slope of 

















=           (5) 
where ri refers to the variscite dissolution rate based on either Al or P, ci stands for the 
reactive fluid concentration of the ith element, t represents time, Mr designates the mass of 
fluid in the reactor, υi denotes the stoichiometric coefficient equal to the number of moles of 
the ith element present in one mole of variscite, and S designates the total mineral surface area 
present in the reactor calculated by multiplying the mass of powder in the reactor by the 
initial BET surface area of this powder.  Variscite dissolution rates from mixed-flow rector 








=                                                                          (6) 
where [ci]in and [ci]out stand for the inlet and outlet concentration of the i
th element 
respectively, and FR represents the fluid flow rate. 
 
II-4. Results 
II-4.1. Closed-system experiments. The results from all closed-system 
experiments are summarized in Table II-3. Also listed in this table are the saturation indexes 
(SI) for variscite and possible secondary phases in all final reactive solutions. The temporal 
evolution of the fluid composition during all experiments is provided in the electronic annex 
A; some representative results are shown in Figure II-2.  Al and P release rates tend to slow 
II-Dissolution of Al phosphate 
 52 
with time in the experiments.  The reactive fluid pH remains stable within uncertainty, for all 
experiments except for experiment V2-10 which was not buffered. 
 
1) Calculated assuming Kvariscite = -21 as suggested by Stumm and Morgan (1996). 
2) Calculated assuming Kvariscite = -22.36 as suggested by Linsday (1979). 
 
Table II-3. Summary of steady state variscite rates determined during this study.  S refers to 
the total mineral surface area present in the reactor, Mr designates the mass of fluid in the 
reactor at the end of the closed system experiments, and FR represents the fluid flow rate. 
 
This slowing of Al and P release rates with time may be due to a number of factors 
including 1) a decrease in overall dissolution rates as equilibrium is approached in accord 
with Eqn. (3), 2) a decrease of reactive surface area with time due to dissolution of variscite, 
or 3) the effect of secondary mineral precipitation.  The effect of secondary mineral 
precipitation on metal release rates could be significant as thermodynamic calculations 
suggest that the final reactive fluids in the experiments performed at pH>5 are supersaturated 
with respect to diaspore.  The possibility that Al-hydroxide phases precipitated in some of the 
experiments is supported by Al/P concentration ratio of some of the reactive fluids.  The Al/P 
concentration ratios of the fluids for experiments at pH > 4 are less than 0.6 whereas the 
initial variscite has an Al/P ratio of ~0.88, suggesting the Al incorporation in a secondary 
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solid.  The difference between Al and P release rates is most evident for Experiment V2-10, 
as shown in Figure II-2d. Reactive fluid Al concentrations decrease continuously during this 
experiment in contrast to P concentrations which increase continuously.  SEM 
photomicrographs of the variscite grains following closed-system experiments V2-9 and V2-
10 are shown in Figure II-1 c and d.  Some fine grained material is evident on these surfaces, 




Figure II-1. SEM photomicrographs of cleaned variscite powder prior to 
its dissolution (a) and details of this surface in (b). Variscite following its 
dissolution during closed-system experiment V2-9 (c) and V2-10 (d).  
Variscite following its dissolution during open-system experiments Vo4-10 
(e) and Vo5-4 (f).  Insets show details of the corresponding surface. 
 
Thermodynamic calculations suggest that the final reactive fluid for experiment V2-10 
exceeded equilibrium with variscite. The reason why such calculations indicate that variscite 
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is supersaturated at the end of this experiment is unclear, but could stem from 1) uncertainties 
in the thermodynamic database, 2) the presence of impurities in the solid phase on solution 
composition, or 3) the effect of solid solution on solubility.  In an attempt to avoid 
ambiguities stemming from potential secondary phase precipitation and the approach to 
variscite equilibrium, variscite dissolution rates were calculated by the linear regression of 
the concentrations of the first five samples taken from each of the closed-system experiment 
using Eqn. (5). These rates are provided in Table II-3. 
 
II-4.2 Open-system experiments.  The results from open-system experiments are 
also summarized in Table II-3. The temporal evolution of the fluid composition during all 
experiments is provided in the electronic annex B; some representative examples are shown 
in Figs. 2e and f.  Reactive fluid concentrations tend to decrease to steady-state.  Steady state 
is approached after ~120 hours of elapsed time in all experiments.  Thermodynamics 
calculations suggest that the outlet fluids for all experiments performed at pH>4 were 
supersaturated with respect to diaspore.  Nevertheless, only experiment Vo4-10 shows a clear 
retention of aluminum in the solid phase.  The relative concentration of Al and P in the 
reactive solutions of all other experiments is roughly consistent with their stoichiometric 
release from the original variscite.  Similar to some of the closed-system experiments 
performed at near to neutral pH, thermodynamics calculations suggest that the outlet fluids of 
experiments Vo4-9 and Vo4-10, which were performed at 6<pH<7 may be supersaturated 
with respect to pure variscite. SEM microphotographs of the variscite grains following open-
system experiments Vo4-10 and Vo5-4 are show in Figure II-2e and f. Some fine grained 
material is evident on these surfaces, though their identity was not possible to determine.  
Steady-state dissolution rates obtained from steady-state outlet fluid concentrations together 
with Eqn. (6) are listed in Table II-3. 




Figure II-2. Temporal evolution of reactive fluid Al and P concentration during the 
closed-system dissolution of variscite during experiment V2-3, which had an initial 
pH = 3.00 (a), during experiment V2-4, which had an initial pH=4.02 (b), during 
experiment V2-5, which had an initial pH = 5.02 (c), and during experiment V2-10 
which had an initial pH=8.99 (d) and during open-system experiment Vo5-1 which 
had an initial pH of 2.28 (e) and experiment Vo4-8  which had an initial pH=3.02 (f). 
The circles and squares represent measured aqueous aluminium and phosphate 
concentrations. The error bars surrounding these points correspond to a 5% 
uncertainty in measured concentration. 
V2-3  pH=3.00 V2-4  pH=4.02 
V2-5  pH=5.02 V2-10  pH=8.99 
Vo5-1  pH=2.28 Vo4-8  pH=3.02 
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II-5. Discussion 
II-5.1 Variscite dissolution rates as a function of pH 
Variscite dissolution rates measured in the present study are illustrated as a function of 
pH in Figure II-3.   
 
Figure II-3.  Variscite dissolution rates obtained in the present study. Rates calculated 
using reactive fluid aluminum and phosphate concentrations are represented as circles 
and squares respectively.  Open and filled symbols represents rates obtained form open 
and closed-system experiments, respectively. The error bars surrounding the data 
points correspond to a 0.5 log unit uncertainty in computed rates.  The dashed curve 
represents a description of these rates consistent with Eqn. (7). 
 
Although scatter is apparent, there tends to be a characteristic anticlinal distribution of 
measured rates; rates tend to decrease with increasing pH at acidic conditions and then 
increase with increasing pH at basic conditions.  The scatter evident in this figure can stem 
from a number of factors including 1) precipitation of secondary phases, which both lower 
element release rates and could lower reactive surface area (c.f. Cubillas et al., 2005), 2) 
phosphate adsorption onto the precipitated aluminium hydroxide phases (c.f. Georgantas and 
II-Dissolution of Al phosphate 
 57 
Grigoropoulou, 2007), and 3) differences in the composition of variscite used in the various 
experiments. Although the stoichiometry of the initial solid was taken in account to calculate 
rates, small differences in composition in the initial solid, which had  Al/P ratios ranging 
from 0.82 to 0.96 depending on the place of measurement on the grains could influence the 
measured dissolution rate (e.g. Al-poor variscite could dissolve faster than Al-rich variscite).  
Following a number of past studies (e.g. Wieland and Stumm, 1992; Köhler et al., 2003) 
dissolution rates can be described assuming they are a linear function of pH at both acidic and 
basic pH.  Following this approach, an empirical equation describing the variscite dissolution 
rates obtained in this study can be expressed as: 
r/(mol/cm2/s) = 10-15.28 pH-0.24 +  10-17.49 pH+0.26   (7) 
It can be seen in Figure 3, that this fit describes measured rates to within on average 0.5 log 
units of their measured counterparts.   
Variscite dissolution rates generated in the present study are compared with those of 
other phosphate minerals in Figure II-4. Variscite dissolution rates tend to be lower than 
those of other major phosphate minerals, particularly at acidic conditions.  At 3<pH<6, 
conditions where variscite is the least soluble major phosphate phase, its BET normalized 
dissolution rates are 1.5 to 4 orders of magnitude lower than those of apatite and vivianite.  
As will be shown below, however, variscite dissolution rates may nevertheless be sufficiently 
fast to buffer aqueous phosphate concentrations at these conditions. 
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Figure II-4.  Dissolution rates of various phosphate phases as a function of 
pH at T=25ºC.  Open circles, filled squares, and grey circles represent 
flouroapatite dissolution rates reported by Chairat et. al. (2007), vivianite 
(Fe3(PO4)2·8H2O) dissolution rates reported by Thinnappan et. al. (2008), 
and variscite dissolution rates obtained in this study. The curves have been 
added to this figure for the aid of the viewer. 
 
II-5.2 Can variscite control the phosphate concentration of natural waters? 
Insight into the degree to which variscite dissolution rates are sufficiently fast such that 
they can control the availability of phosphate in mildly acidic natural waters can be gained 
through geochemical modeling calculations.  Calculation of the temporal evolution of a fluid 
in contact with variscite was performed using the PHREEQC geochemical modeling code.  
This calculation was performed by adding provision for variscite dissolution in accord with 
Eqn. (3), σ = 1, and values of r+ calculated assuming they equaled r values generated using 
Eqn. (7) directly into the PHREEQC input file.  Results for an initially Al and P-free pH = 5 
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that diaspore precipitated once the solution became saturated with this phase, and the second 
assuming diaspore did not form.  Calculations were performed for a rock containing 30% 
porosity and a total 0.1 volume percent of variscite.  Results show that in the absence of 
diaspore precipitation, the pore solution takes less than 5 hours to come within 90% of 
equilibrium with respect to variscite for all specific surface areas greater than 10 m2/g.  
Corresponding calculations, performed assuming local equilibrium of the solution with 
respect to diaspore once saturation is obtained with this phase, suggest that the pore solution 
takes less than 100 days to come within 90% of equilibrium with respect to variscite for all 
surface areas greater than 10 m2/g.  Note that the surface area of the ground variscite used in 
this study was 11.72 m2/g. The results of these calculations suggest that despite a relatively 
low specific dissolution rate, pore fluids could readily approach equilibrium with respect to 
variscite if they had a sufficiently high specific surface area. 
 
Figure II-5.  Calculated variscite saturation indexes (S.I.) as a function of elapsed time for 
pore fluids in a rock having 30% porosity and 0.1 volume percent variscite at the various 
indicated specific surface areas.  The inset illustrates the amount of time required for this 
pore fluid to approach within 90% of equilibrium with respect to variscite.  These 
calculations were performed using PHREEQC (Parkhurst, 1998) assuming the pore fluids 
were initially Al and P free.  The pore fluid pH was fixed to 5.  Results shown in (a) assume 
that no Al or P beating phases precipitate, whereas those shown in (b) assume equilibrium 
with diaspore once this phase becomes saturated – see text. 
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The observation summarized above suggests that mildly acidic natural aqueous 
phosphate could potentially be buffered by variscite dissolution.  To assess this possibility, 
aqueous Al3+ and PO4
3- activities for different natural waters compiled from the literature 
(Smedley, 1991; Nordstrom et al. 1992; Ann et al. 1999; Gaillardet et al. 2003; Miao et al. 
2006). These activities are plotted together with a line representing variscite equilibrium in 
Figure II-6.  It can be seen that all of these natural waters have aqueous Al and P activities 
either close to equilibrium or supersaturated by no more than ~ 2 orders of magnitude with 
respect to variscite.   
 




 activities of a variety of natural fluids taken 
from the literature (Smedley, 1991; Nordstrom et al., 1992; Ann et al., 1999; Gaillardet et 
al., 2003; Miao et al., 2006).  The solid line represents these activities in equilibrium with 
variscite according to the equilibrium constant of Stumm and Morgan (1996).  Open circles 
correspond to natural solutions having pH<6, but open squares corresponds to natural 
solutions having pH>6. 
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The distribution of fluid compositions in Figure II-6 supports, therefore, the 
hypothesis that variscite dissolution is sufficiently rapid in natural solutions that it can set a 
lower limit to P availability in natural waters.  It is of interest that these water compositions 
appear in some cases to be somewhat supersaturated with respect to variscite.  Recent 
experimental results reported by Roncal-Herrero et al. (2009) indicate that the first phase to 
precipitate from aqueous solutions supersaturated with respect to variscite at temperatures 
less than 100° C is an amorphous Al-phosphate.  This amorphous phase persists for an 
extended period of time at low temperatures.  Calculations reported by Roncal-Herrero et al. 
(2009) suggest that this amorphous phase has a solubility constant that is approximately two 
orders of magnitude greater than that of variscite.  The observation that natural fluid samples 
appear to be no more than two orders of magnitude supersaturated with respect to variscite 
suggest that the phosphorous concentrations of natural waters may be fixed by a combination 
of variscite dissolution and amorphous Al-phosphate precipitation.   
 
II-6. Conclusions 
The experimental results presented above suggest that the specific dissolution rates of 
variscite are significantly slower than those of the phosphate minerals apatite and vivianite at 
mildly acidic conditions.  Nevertheless, calculations and field observations suggest that 
variscite dissolves sufficiently fast to provide a lower limit for phosphate availability in a 
number of natural environments.  This conclusion suggests that the dissolution of other trace 
phosphate phases may also be critical for fixing the composition of different elements in 
natural waters.  Further studies are ongoing to determine if such is the case for other 
phosphate bearing phases including assessing the possibility that rhabdophane dissolution and 
precipitation can buffer the rare earth element concentration of natural waters.  
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Annex II-A. pH, elapsed time, mass of reactive fluid during experiment, aqueous aluminium and 
phosphorus concentration, dissolution rate calculated from Al and P released, SI for selected Al 
phases and Log(IAP) for varisicte and selected aluminium phases during closed system 
experiments.  
Elapsed 
time M r  cAl x 10
6
 cP x 10
6
 S.I. 
 Run No. 
  pH days Kg mol/Kg mol/Kg Variscite
1
 Boehmite Berlinite  Log IAP 
V2-1.1 2.03 0.03 0.486 1.29 0.25 -7.77 -7.71 -9.15 -28.8 
V2-1.2 2.05 0.16 0.463 1.84 0.80 -7.05 -7.49 -8.44 -28.1 
V2-1.3 2.10 0.43 0.441 3.41 1.59 -6.35 -7.06 -7.74 -27.4 
V2-1.4 2.10 0.95 0.418 5.24 2.61 -5.95 -6.88 -7.34 -27.0 
V2-1.5 2.07 1.13 0.393 5.81 2.85 -5.95 -6.93 -7.34 -27.0 
V2-1.6 2.10 1.31 0.373 6.70 3.24 -5.75 -6.77 -7.14 -26.8 
V2-1.7 2.09 1.96 0.348 8.28 4.26 -5.57 -6.71 -6.95 -26.6 
V2-1.8 2.10 2.25 0.330 8.10 4.78 -5.50 -6.69 -6.89 -26.5 
V2-1.9 2.11 3.19 0.307 10.45 6.12 -5.25 -6.55 -6.64 -26.3 
V2-1.10 2.11 4.01 0.283 12.70 7.77 -5.09 -6.49 -6.48 -26.1 
V2-1.11 2.10 5.28 0.261 15.01 9.36 -4.94 -6.42 -6.33 -25.9 
V2-1.12 2.10 10.31 0.241 21.50 13.85 -4.61 -6.26 -6.00 -25.6 
V2-1.13 2.11 17.16 0.218 27.81 17.83 -4.37 -6.12 -5.75 -25.4 
V2-1.14 2.11 34.97 0.195 46.83 23.70 -4.02 -5.90 -5.41 -25.0 
V2-1.15 2.10 41.00 0.174 52.00 25.90 -3.93 -5.85 -5.32 -24.9 
V2-1.16 2.10 47.99 0.150 53.99 26.81 -3.93 -5.87 -5.32 -24.9 
V2-1.17 2.10 53.98 0.135 60.43 28.04 -3.86 -5.82 -5.25 -24.9 
V2-3.1 3.01 0.32 0.222 6.65 4.11 -4.11 -4.57 -5.50 -25.1 
V2-3.2 3.01 1.02 0.214 6.93 9.20 -3.75 -4.56 -5.13 -24.8 
V2-3.3 3.01 2.28 0.206 8.65 13.68 -3.48 -4.46 -4.87 -24.5 
V2-3.4 3.01 4.36 0.198 11.55 18.51 -3.22 -4.34 -4.61 -24.2 
V2-3.5 3.02 6.04 0.191 15.67 21.32 -3.02 -4.18 -4.40 -24.0 
V2-3.6 3.02 9.33 0.185 19.28 25.67 -2.85 -4.09 -4.23 -23.9 
V2-3.7 3.02 22.07 0.177 24.13 36.45 -2.60 -4.00 -3.99 -23.6 
V2-3.8 3.00 41.89 0.170 51.27 46.85 -2.19 -3.71 -3.58 -23.2 
V2-3.9 2.99 70.84 0.162 62.74 64.66 -1.98 -3.65 -3.36 -23.0 
V2-3.10 2.97 115.61 0.154 69.24 73.29 -1.90 -3.65 -3.29 -22.9 
V2-3.11 2.94 144.43 0.138 69.34 76.75 -1.94 -3.71 -3.33 -22.9 
V2-4.1 4.02 0.30 0.225 0.17 2.45 -5.04 -4.31 -6.43 -26.0 
V2-4.2 4.01 1.00 0.218 5.91 5.53 -3.15 -2.79 -4.54 -24.2 
V2-4.3 4.02 2.26 0.202 4.11 9.59 -3.06 -2.93 -4.45 -24.1 
V2-4.4 4.01 4.34 0.195 9.67 12.68 -2.58 -2.57 -3.97 -23.6 
V2-4.5 4.03 6.02 0.189 8.58 15.05 -2.54 -2.59 -3.93 -23.5 
V2-4.6 4.03 9.31 0.182 11.42 17.82 -2.34 -2.47 -3.73 -23.3 
V2-4.7 4.03 22.05 0.175 15.31 28.63 -2.01 -2.34 -3.40 -23.0 
V2-4.8 4.03 41.88 0.167 16.86 36.15 -1.87 -2.30 -3.26 -22.9 
V2-4.9 4.04 70.83 0.159 37.13 43.28 -1.44 -1.94 -2.83 -22.4 
V2-4.10 3.99 115.59 0.151 44.74 49.34 -1.34 -1.94 -2.73 -22.3 
V2-4.11 3.98 144.29 0.135 37.90 51.89 -1.39 -2.03 -2.78 -22.4 
II-Dissolution of Al phosphate 
 67 
Continuation Annex II-A 
 
Elapsed 
time M r  cAl x 10
6
 cP x 10
6
 S.I. 
  Run No. 
  pH days Kg mol/Kg mol/Kg Variscite
1
 Boehmite Berlinite  Log IAP 
V2-5.1 5.04 0.28 0.226 0.37 1.71 -4.10 -2.17 -5.49 -25.1 
V2-5.2 5.03 0.99 0.218 0.86 3.16 -3.48 -1.82 -4.87 -24.5 
V2-5.3 5.02 2.24 0.210 1.48 5.61 -3.00 -1.61 -4.39 -24.0 
V2-5.4 5.02 4.32 0.202 2.81 7.97 -2.57 -1.33 -3.96 -23.6 
V2-5.5 5.03 6.00 0.196 3.80 9.86 -2.34 -1.18 -3.73 -23.3 
V2-5.6 5.03 9.29 0.188 4.96 12.65 -2.11 -1.04 -3.49 -23.1 
V2-5.7 5.03 22.03 0.179 7.93 17.62 -1.77 -0.86 -3.16 -22.8 
V2-5.8 5.03 41.86 0.172 11.65 21.16 -1.51 -0.67 -2.90 -22.5 
V2-5.9 5.06 70.81 0.163 21.59 28.22 -1.10 -0.36 -2.48 -22.1 
V2-5.10 4.91 115.57 0.154 n.m 29.51   n.c.   n.c.   n.c.   n.c. 
V2-5.11 4.98 144.29 0.146 25.47 n.m   n.c.   n.c.   n.c.   n.c. 
V2-6.1 5.91 0.27 0.234 n.m 0.97   n.c.   n.c.   n.c.   n.c. 
V2-6.2 5.90 0.98 0.226 n.m 1.80   n.c.   n.c.   n.c.   n.c. 
V2-6.3 5.86 2.24 0.219 0.01 3.41 -4.16 -1.66 -5.55 -25.2 
V2-6.4 5.89 4.32 0.210 0.44 3.75 -2.43 0.07 -3.82 -23.4 
V2-6.5 5.88 5.99 0.202 0.38 4.23 -2.46 -0.02 -3.85 -23.5 
V2-6.6 5.88 9.28 0.196 0.80 3.38 -2.23 0.30 -3.62 -23.2 
V2-6.7 5.88 22.03 0.188 1.61 8.98 -1.50 0.60 -2.89 -22.5 
V2-6.9 5.95 70.80 0.172 9.88 9.13 -0.59 1.59 -1.98 -21.6 
V2-6.10 5.88 115.56 0.163 11.59 7.52 -0.72 1.46 -2.11 -21.7 
V2-6.11 5.90 144.23 0.155 19.87 8.46 -0.41 1.75 -1.79 -21.4 
V2-9.1 8.98 0.80 0.219 2.51 5.61 -6.42 0.72 -7.81 -27.4 
V2-9.2 8.96 2.05 0.213 8.23 14.62 -5.43 1.26 -6.81 -26.4 
V2-9.3 8.96 4.13 0.205 16.66 27.34 -4.85 1.57 -6.24 -25.9 
V2-9.4 8.98 5.81 0.198 18.15 36.35 -4.75 1.58 -6.14 -25.8 
V2-9.5 8.98 9.10 0.191 28.48 51.14 -4.40 1.78 -5.79 -25.4 
V2-9.6 8.96 21.83 0.184 43.05 90.16 -3.92 1.98 -5.31 -24.9 
V2-9.7 8.98 41.66 0.177 56.65 125.10 -3.72 2.08 -5.11 -24.7 
V2-9.8 9.11 70.61 0.169 94.00 140.88 -3.84 2.17 -5.23 -24.8 
V2-9.9 8.94 115.39 0.161 106.34 151.99 -3.24 2.39 -4.63 -24.2 
V2-9.10 8.98 144.07 0.153 111.31 156.09 -3.33 2.37 -4.72 -24.3 
V2-10.1  5.72 1.19 0.225 14.80 20.55 1.17 2.65 -0.22 -19.8 
V2-10.2  5.32 2.24 0.218 12.79 24.79 1.32 2.38 -0.07 -19.7 
V2-10.3 5.10 7.14 0.211 11.31 31.55 1.19 1.92 -0.20 -19.8 
V2-10.4 5.50 9.23 0.204 8.24 34.66 1.40 2.45 0.01 -19.6 
V2-10.5 5.65 11.17 0.195 6.13 35.56 1.36 2.54 -0.03 -19.6 
V2-10.6 4.75 30.14 0.188 6.97 41.14 0.64 0.86 -0.74 -20.4 
V2-10.7 5.86 74.91 0.180 9.02 43.23 1.41 2.70 0.02 -19.6 
V2-10.8 6.57 103.59 0.172 2.98 47.58 0.92 2.92 -0.47 -20.1 
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Annex II-B. pH, elapsed time, mass of reactive fluid during experiment, aqueous aluminium and phosphorus 
concentration, dissolution rate calculated from Al and P released, SI for selected Al phases and Log(IAP) for varisicte 
and selected aluminium phases during closed system experiments.  
Run No.   Elapsed time FRx10
6
 cAl x 10
6
 cP x 10
6
 log r Al log r P SI Log IAP 






 Boehmite Berlinite   
Vo5-1.1 2.47 0.14 3.22 41.41 59.36 -15.13 -14.98 -2.71 -4.79 -4.10 -23.7 
Vo5-1.2 2.46 0.28 3.16 68.49 85.75 -14.92 -14.83 -2.36 -4.60 -3.75 -23.4 
Vo5-1.3 2.4 0.98 2.89 58.28 59.91 -15.03 -15.02 -2.73 -4.86 -4.12 -23.7 
Vo5-1.4 2.38 1.20 3.06 43.03 51.32 -15.14 -15.06 -2.98 -5.05 -4.37 -24.0 
Vo5-1.5 2.41 2.20 3.30 24.27 32.45 -15.36 -15.23 -3.35 -5.20 -4.74 -24.4 
Vo5-1.6 2.43 2.98 3.02 22.02 24.21 -15.44 -15.40 -3.47 -5.18 -4.85 -24.5 
Vo5-1.7 2.41 3.88 3.06 15.64 23.54 -15.58 -15.40 -3.67 -5.39 -5.06 -24.7 
Vo5-1.8 2.28 4.91 3.08 3.97 7.37 -16.17 -15.90 -5.10 -6.39 -6.49 -26.1 
Vo5-1.9 2.28 5.92 3.05 5.21 6.07 -16.06 -15.99 -5.07 -6.27 -6.45 -26.1 
Vo5-1.10 2.27 9.08 3.05 4.65 4.72 -16.11 -16.10 -5.25 -6.35 -6.64 -26.3 
Vo5-1.11 2.27 11.16 3.07 12.58 4.31 -15.67 -16.14 -4.36 -5.30 -5.75 -25.4 
Vo5-3.1 1.99 0.61 1.58 19.95 8.69 -15.76 -16.12 -5.15 -6.64 -6.54 -26.2 
Vo5-3.2 1.96 1.64 1.58 36.83 25.41 -15.49 -15.65 -4.50 -6.47 -5.89 -25.5 
Vo5-3.3 1.93 2.84 1.62 30.67 19.03 -15.56 -15.77 -4.79 -6.65 -6.18 -25.8 
Vo5-3.4 2.02 3.85 1.63 27.49 16.55 -15.61 -15.83 -4.65 -6.41 -6.04 -25.7 
Vo5-3.5 2.02 4.65 1.63 25.36 13.32 -15.64 -15.92 -4.78 -6.45 -6.16 -25.8 
Vo5-3.6 2.03 5.64 1.63 18.20 10.99 -15.79 -16.00 -4.98 -6.56 -6.36 -26.0 
Vo5-3.7 2.03 6.66 1.65 14.01 8.09 -15.89 -16.13 -5.22 -6.67 -6.61 -26.2 
Vo5-3.8 2.03 7.65 1.69 18.29 15.05 -15.77 -15.85 -4.84 -6.56 -6.23 -25.8 
Vo5-3.9 2.04 8.61 1.72 16.86 11.75 -15.80 -15.95 -4.95 -6.56 -6.34 -26.0 
Vo5-3.10 2.03 9.78 2.06 28.93 22.47 -15.48 -15.59 -4.46 -6.36 -5.85 -25.5 
Vo5-3.11 1.95 10.94 1.70 18.56 14.07 -15.76 -15.88 -4.86 -6.55 -6.25 -25.9 
Vo5-3.12 1.95 11.67 1.75 19.49 16.32 -15.73 -15.80 -5.00 -6.78 -6.38 -25.1 
Vo5-3.13 1.95 12.61 1.79 16.82 14.99 -15.78 -15.83 -5.10 -6.85 -6.48 -26.1 
Vo5-3.14 1.94 13.77 1.77 14.91 13.37 -15.84 -15.89 -4.98 -6.64 -6.37 -26.0 
Vo5-3.15  1.94 14.63 1.77 13.53 9.18 -15.88 -16.05 -5.18 -6.69 -6.57 -26.2 
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Continuation Annex II-B 
Run No.  Elapsed time FRx106 cAl x 10
6 cP x 10
6 log r Al log r P SI Log IAP 
  pH days  Kg/s mol/Kg mol/Kg mol/cm2/s mol/cm2/s Variscite1 Boehmite Berlinite  
Vo5-4.1 1.74 0.59 1.93 52.68 23.39 -15.25 -15.60 -5.03 -7.04 -6.42 -26.0 
Vo5-4.2 1.66 1.55 1.89 82.20 59.03 -15.07 -15.21 -4.67 -7.11 -6.06 -25.7 
Vo5-4.3 1.62 2.72 1.87 59.37 42.91 -15.21 -15.36 -5.07 -7.38 -6.46 -26.1 
Vo5-4.4 1.54 3.88 1.85 54.12 50.53 -15.26 -15.29 -4.68 -7.03 -6.07 -25.7 
Vo5-4.5 1.53 4.61 1.88 53.35 48.72 -15.26 -15.30 -5.34 -7.72 -6.73 -26.3 
Vo5-4.6 1.51 5.55 1.91 55.40 50.01 -15.24 -15.28 -5.37 -7.77 -6.76 -26.4 
Vo5-4.7 1.51 6.71 1.87 57.12 52.58 -15.23 -15.27 -5.34 -7.75 -6.73 -26.3 
Vo5-7.2 3.41 0.10 1.84 36.66 28.78 -15.27 -15.38 -1.31 -2.23 -2.70 -22.3 
Vo5-7.3 3.37 0.65 1.75 31.94 26.87 -15.36 -15.43 -1.47 -2.41 -2.86 -22.5 
Vo5-7.4 3.36 0.99 1.78 28.28 23.72 -15.40 -15.48 -1.60 -2.49 -2.98 -22.6 
Vo5-7.5 3.37 1.66 1.81 29.64 22.62 -15.37 -15.49 -1.58 -2.44 -2.96 -22.6 
Vo5-7.6 3.35 2.00 1.72 32.85 23.25 -15.35 -15.50 -1.56 -2.46 -2.95 -22.6 
Vo5-7.7 3.34 2.78 1.81 45.13 24.82 -15.19 -15.45 -1.42 -2.35 -2.81 -22.4 
Vo5-7.8 3.32 4.67 1.79 26.73 19.83 -15.43 -15.56 -1.77 -2.63 -3.16 -22.8 
Vo5-7.9 3.31 5.72 1.67 23.76 16.99 -15.51 -15.65 -1.85 -2.64 -3.23 -22.9 
Vo5-7.10 3.31 6.96 1.72 23.01 16.49 -15.51 -15.65 -1.94 -2.73 -3.33 -22.9 
Vo5-7.11 3.31 7.99 1.73 37.00 16.10 -15.30 -15.66 -1.75 -2.52 -3.14 -22.8 
Vo5-7.12 3.31 8.96 1.67 20.29 15.50 -15.58 -15.69 -2.02 -2.78 -3.41 -23.0 
Vo04-8.2 9.56 0.10 1.84 383.54 338.44 -14.13 -14.18 -4.22 2.32 -5.61 -25.2 
Vo04-8.3 9.57 0.65 1.75 382.07 358.72 -14.15 -14.18 -4.23 2.31 -5.62 -25.2 
Vo04-8.4 9.59 1.05 1.78 381.80 320.36 -14.14 -14.22 -4.34 2.29 -5.73 -25.3 
Vo04-8.5 9.60 1.66 1.81 300.16 255.72 -14.24 -14.31 -4.57 2.18 -5.96 -25.6 
Vo04-8.6 9.61 2.00 1.72 281.45 273.65 -14.29 -14.30 -4.60 2.14 -5.98 -25.6 
Vo04-8.7 9.60 2.78 1.81 225.60 199.62 -14.37 -14.42 -4.80 2.05 -6.19 -25.8 
Vo04-8.8 9.62 4.67 1.79 172.03 167.43 -14.49 -14.50 -5.05 1.92 -6.44 -26.1 
Vo04-8.9 9.65 5.72 1.67 184.78 178.84 -14.49 -14.50 -5.08 1.92 -6.47 -26.1 
Vo04-8.10 9.61 6.80 1.72 170.42 164.38 -14.51 -14.52 -5.03 1.92 -6.42 -26.0 
Vo04-8.11 9.61 7.74 1.73 167.09 164.79 -14.51 -14.52 -5.04 1.91 -6.43 -26.0 
Vo04-8.12  9.62 8.25 1.67 166.42 165.61 -14.53 -14.53 -5.04 1.91 -6.43 -26.0 
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Résume en français de l’article: 
«Etude expérimentale de la dissolution de struvite et taux de 
précipitation comme une fonction du pH» 
 
III-1. Introduction 
Le phosphore et l’azote sont deux éléments essentiels pour la croissance des plantes, 
mais à de fortes concentrations dans les eaux, ils provoquent une eutrophisation des eaux. Le 
contrôle de la concentration des phosphates dans des systèmes naturels est exercé par les 
phases solides phosphates (ex. Linsday, 1979). La struvite (MgNH4MgPO4
.6H2O) est un 
phosphate très soluble et permet donc l’élimination de NH4+ et PO4
-3 des eaux polluées. En 
plus, elle peut être utilisée comme matière première pour la fabrication des fertilisants. Les 
calculs thermodynamiques suggèrent que la struvite est la phase stable à un pH >9 en 
présence d'ammonium.  
 
Cependant, le comportement de cette phase dans les systèmes naturels est encore 
largement méconnu. En effet, dans les études précédentes, la constante de solubilité varie de 
plus de 2 ordres de grandeur. Pour étudier le rôle de la struvite dans les systèmes naturels, les 
vitesses de dissolution ont été mesurées à 25°C en fonction du pH. Le but de cette étude est de 
présenter les résultats des expériences et de les utiliser pour mieux définir le rôle de la 
structure dans les processus naturels et industriels. 
 
III-2. Méthodes expérimentales 
La struvite a été synthétisée en mélangeant 3 solutions contenant du Mg, NH4 et PO4 à 
un pH de 8, avec les taux suivants: Mg:NH4:PO4 0.35 :0.42 :0.40. Le solide a été séparé et 
nettoyé à l’alcool. La nature de ce minéral synthetizé a été déterminé par diffraction de rayons 
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X. La composition moyenne déterminée par analyses à la microsonde est 18.4 wt% MgO, 
17.9 wt% P2O5 and 63.3 wt% (NH4 + H20). Les surfaces spécifiques des solides mesurées par 
la méthode BET par adsorption de l’azote liquide est de~192 m2/g. L’observation des grains a 
été effectuée par MEB, dans la Figure III-1. Les expériences de dissolution ont été conduites 
dans des réacteurs fermés à des pH compris entre 5.7 et 10.7. La composition initiale des 
fluides est présentée dans le Tableau III- 1. Le pH a été mesuré pour chaque échantillon. Le 
magnésium a été déterminé par SAA-AA. Le phosphate a été mesuré par colorimetrie pour la 
méthode de Murphy et Riley (1962). 
 
La struvite est dissoute selon la réaction suivante : 
MgNH4PO4.6H2O = Mg
2+ + NH4+ + PO4
-3 + 6H2O                           (1) 








                                                                                   (2) 
 
La vitesse de dissolution de la struvite est déterminée à partir de l'évolution de la 
concentration de Mg et P dissous lorsque le système s’approche de l’équilibre 



















exp1          (5) 
ou r+ est la vitesse de dissolution loin de l’équilibre, A est l'affinité chimique, σ est le 
coefficient de Temkis égal au taux de destruction du précurseur relatif à la vitesse de 
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III-3. Résultats principaux de l’étude et discussion 
L'évolution de la composition de fluides et les index de saturation (SI) pour la struvite 
et les phases secondaires sont présentées dans le Tableau III-2. Au terme des expériences de 
dissolution, la solution est supersaturée par rapport à la struvite. Lorsque le pH est d'environ 
10, il apparaît de la brucite. Les concentrations de Mg et P augmentent avec le temps jusqu’à 
rester stable à la fin des expériences. Le rapport Mg/P en solution est approximativement le 
même que celui du solide initial sauf dans les expériences où l'ammonium est présent dans la 
solution initial. Dans ce cas, il y a une possible précipitation de phosphate d’ammonium. Lors 
des expériences de précipitation, l'état stationnire et atteint après 10 heures de réaction. 
 
L'évolution temporelle de la concentration de Mg et P a été ajustée à l'équation (5), en 
regardant les changements de fluides dans le réacteur. Le cœfficient d'activité ionique pour 
chaque espèce a été calculé avec le code PHREEQC. Les paramètres utilisés pour faire cet 
ajustement sont représentés dans le Tableau III-3. Dans la Figure III-2, sont représentées les 
courbes d'ajustement, qui décrivent bien l'évolution du Mg. 
 
La vitesse de dissolution de la struvite loin de l’équilibre est représentée en fonction 
du pH dans la Figure III-3. La vitesse de dissolution est constante avec l'augmentation du pH 
entre pH=7 et pH=11. 
 
Les valeurs d’activité de la struvite à l'état stationnaire en fonction du pH sont 
représentées sur la Figure III-4. La valeur de la constante d’équilibre apparent, dans cette 
étude, est -13.24±0.5. Une fois que l'état stationnaire a été atteint, l’équilibre est detruit par 
addition dans la solution de magnesium, phosphate et amonium et un nouvel équilibre est 
atteint à partir de cette solution sursaturé par raport à la struvite. La variation IAP de la 
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struvite dans cette expérience se trouve sur la Figure III-5. Ce ré-inversement d'expérience est 
cohérent avec le pH, Log IAP= -13.24±0.5. 
III-4. Conclusion 
Nos mesures et calculs cinetiques ont confirmé que les vitesses de dissolution et de 
précipitation de la struvite sont plus élevées que celles des phases phosphatées. La struvite est 
donc un excellent matériau pour éliminer les phosphates des eaux polluées. De plus, ce 
minéral présente une solubilité bien adaptée à la fabrication de fertilisants. Une meilleure 
compréhension et quantification des vitesses de dissolution et de précipitation de ce phosphate 
pourrait aider à améliorer la politique environnementale. 
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ABSTRACT: Struvite was dissolved and precipitated in closed-system reactors at 25° C 
and 7.76<pH<10.65.  Reactive fluid Mg and P concentrations attained a stationary-state after 
~10 hours in all experiments.  The temporal variation of these concentrations was evaluated to 
retrieve struvite solubilities and dissolution and precipitation rates.  Measured struvite 
dissolution rates are independent of pH and equal to 10-12.95±0.15 mol/cm2/s in initially NH4-
free reactive fluids.  The presence of 0.06 mol/kg NH4 in the initial reactive fluid decrease 
these rates by a factor of ~15.  Resulting struvite solubilities are consistent with an 
equilibrium constant for the reaction:  Sturvite = Mg2+ + NH4
+ + PO4
-3 + 6H2O  of 10
-13.24 ± 0.5, 
which is similar to values previously reported in the literature.  It is anticipated that use of 
these rates and solubilities could aid in optimizing a variety of processes including cleansing 
P polluted waste water and the use of struvite as an environmentally friendly fertilizer. 
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III-1. Introduction 
This study focuses on the kinetics and thermodynamics of struvite (MgNH4PO4•6H2O) 
Struvite is of great current interest as it can serve as a source of both phosphorus and nitrogen.  
Both of these elements are essential for life, but if their concentrations are too high 
eutrophication can result (1). Over the past several decades phosphorus and nitrogen 
concentrations have increased in natural waters due to increased domestic, industrial, and 
agricultural inputs (2,3); global riverine phosphorus fluxes to the ocean have increased 1 to 2 
orders of magnitude in the last two decades (4,5).  The main human sourced input of P in 
natural systems is from fertilizers used during agriculture.  The widespread use of fertilizers 
could deplete natural P resources in 50 to 680 years (6,7,8). 
 
Struvite is a common Mg-NH4 orthorhombic phosphate found in nature with a general 
chemical formula XNH4PO4.6H2O where X= Mg, Co, K, Ni (9). Struvite is found in water 
waste treatment plants, pig slurry, and guano deposit (10,11). Struvite recovered from 
wastewater can be used as slow-releasing fertilizers providing nitrogen, magnesium, and 
phosphorus for plant growth (12,13).  Thermodynamic calculations suggest that sturvite may 
be the stable phase in nitrogen-rich high pH natural fluids at high pH.  
 
Several past studies focused on struvite precipitation and growth mechanisms, in 
particular as a method to recover phosphate from polluted waters.  For example, the 
effectiveness of using struvite seeds to recover struvite from aqueous solutions has been 
demonstrated (14).  Newberyite (MgH(PO4)•3(H2O)) was found to precipitate more readily 
than struvite from magnesium-ammonium rich aqueous solutions (15). Struvite precipitation 
rates at constant degrees of supersaturation suggest this process proceeds via a surface 
diffusion mechanism (16). Struvite solubility constants during its precipitation in sludge have 
been determined taking into account ionic strength, ion activities, and solute speciation (17). 
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Despite this past work, our understanding of dissolution and nucleation and growth in 
the Mg-NH4-PO4 system is still fragmented.  For example, the apparent solubility of struvite 
published in literature varies more than 4 orders of magnitude from -9.4 to -13.36 (17-21).  
Towards an improved understanding of struvite in natural and industrial processes, its 
dissolution and precipitation rates were measured at 25° C as a function of pH.  The goal of 
this study is to present the results of these experiments. 
 
III-2. Theoretical background 
The standard state adopted in this study for thermodynamic calculations is that of unit 
activity for pure minerals and H2O at any temperature and pressure. For aqueous species other 
than H2O, the standard state is unit activity of the species in a hypothetical 1 molal solution 
referenced as infinite dilution at any temperature and pressure. Struvite dissolution in the 
present study is assumed to be consistent with: 
MgNH4PO4.6H2O = Mg
2+ + NH4+ + PO4
-3 + 6H2O  .  (1) 
Taking account of this standard state, unit activity for water, the law of mass action for 







aaaK        
(2) 
where SturviteK  stands for the equilibrium constant of reaction (1), and ia  represents the activity 














−=                                                                (3) 
where R stands for the gas constant (R=8.3144J/mol), T refers to the temperature (°K), 








,and SI represents the 
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saturation index )/(logSI StruviteKIAP= .  All thermodynamic calculations in this study were 
performed using the PHREEQC computer code (22) together with its llnl database (23) after 
adding to it equilibrium constants for aqueous Mg-phthalate complexes, and struvite (17), and 
newberyite (24).  
 
III-3. Materials and methods 
The struvite used in this study was synthesized at 25˚ C by mixing distinct three 
solutions: 1) a 0.015 mol/kg MgCl2.6H2O solution, 2) a 0.013 mol/kg (NH4)2HPO4 solution, 
and 3) a 0.01 mol/kg NH4Cl solution.  The Mg:NH4:PO4 molar ratio of the mixture was kept 
at was 0.35:0.42:0.40.  The Mg concentration of this mixture was kept relatively low to avoid 
newberyite precipitation (15). The pH of this mixture was adjusted using 0.01 mol/kg NaOH 
to pH 8  where precipitation occurs (25). Struvite nucleation is instantaneous; the first crystals 
appear once NaOH is added to solution. Precipitated struvite was matured in this mixture for 
24 hours at 25˚ C. The powder was then separated from the fluid by filtration, ultrasonically 
cleaned in alcohol and dried overnight at 40°C.  
 
Cleaned struvite powder was analyzed by X-ray powder diffraction (XRD) with an 
INEL CPS 120 diffractometry using Co- radiation (λ=1.78897 Å). Scans were done from 0.5 
to 100º 2θ at 0.09º/min scan and a step size of 0.029º. To verify crystallinity and structure, 
samples were compared to standard mineral files compiled in the Powder Diffraction File 
(PDF) database. The synthesized struvite pattern matches closely the PDF file 03-0240 of 
synthetic struvite, and some small peaks matched with PDF file 20-0663 from magnesium 
ammonium phosphate monohydrate (MgNH4PO4·H2O) and PDF file 07-0239 brucite 
(Mg(OH)2). A small representative sample of synthesized struvite powder was placed on 
aluminum stubs and coated with 5 nm coal layer and imaged at 15 KeV and working distance 
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of 10mm with a JEOL JSM-6360LV Scanning Electron Microscope (SEM). A SEM 
photomicrograph of clean struvite powder is shown in Figure III-1a. The chemical 
composition was determined by a Camebax SX50 electron microprobe. The accelerating 
voltage for the electron bean was 15KV and the filament current 10 nm. During analysis, the 
beam was regularly moved to avoid water and ammonium evaporation from the solid. The 
composition was determined using 5 distinct scan spots.  The average oxide composition is 
18.4 wt% MgO, 17.9 wt% P2O5 and 63.3 wt% (NH4 + H20). The specific surface area of this 
cleaned powder was determined by 11-point nitrogen adsorption using the B.E.T. method (26) 
with a Quantachrome Instruments after degassing at 40 ºC for 70 hours prior to analyses; the 
measured surface area was 190.9 ± 7 m2/g. 
 
Figure III-1. SEM photomicrographs of struvite powder (a) prior to its dissolution (b) 
struvite following its dissolution during closed-system experiment SC19 and (c) following its 
precipitation during experiment SC30 SCP30. 
 
All experiments were performed using acid-washed polypropylene Nalgene closed-
system reactors (27).  Experiments were initiated by placing from 0.54 to 2.77 g of struvite 
powder into the reactor and then adding from 140 to 250 ml of initial reactive solution. The 
initial reactive solutions were prepared using 18 Ω Milli-Q H2O and reagents and 
concentrations listed in Table 1.  The reactors were closed and covered with Teflon tape to 
avoid evaporation, then placed into a mechanical bath-shaking table regulated at 25 ± 0.5 °C.  
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The reactors were regularly samples through 0.45 µm Nitrocellulose filters using syringes. 
The reactive solution pH at the end of the experiments ranged from 7.76 to 10.65.  
a) Hepes refers to C8H18N2O4S, and b) Borax refers to sodium tetraborate 
Table III-1. pH and compositions of initial reactive solutions in all experiments performed in 
this study 
 
All collected fluid samples were analyzed for pH, Mg, and PO4.  pH was measured at 
25˚ C within a few hours of sampling using a Metrohm 744 pH meter coupled to a Metrohm 
Pt1000/B/2 electrode with a 3 M KCl outer filling solution. The pH electrodes were calibrated 
using standard buffer solutions (pH 4.01, 6.86, and 9.18 at 25 C) with an average error less 
than 0.05 pH units. Magnesium concentration of the reactive fluids was determined by Flame 
Atomic Absorption Spectrometry using Perkin Elmer 5100 spectrometer with a detection 
limit better than 3 ppb and a precision better than 1 %. Ortho-phosphate concentration was 
determined using absorbance spectrophotometry system using heptamolybdate and ascorbic 
acid in H2SO4 media (28) with a detection limit of 100 ppb. 
 
Dissolution rates are generally obtained from the slope of plots of reactive solution 










=           (4) 
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where r refers to the rate, ci stands for the reactive fluid concentration of the ith element, t 
represents time, Mr designates the mass of fluid in the reactor, νi denotes a stoichiometric 
coefficient equal to the number of moles of the ith element present in one mole of struvite and 
S designates the total mineral surface area present in the reactor calculated taking in account 
the initial mass of solid and its specific surface area.  This approach, however, ignores 
provision for 1) changes in the volume of reactive fluid present in the reactor during the 
experiment, 2) effects of reactive solution composition on far-from equilibrium rates (32), and 
3) effects of the approach to equilibrium on overall dissolution rates (33,34).  
These three factors are addressed in the present study by regressing measured reactive 


















exp1                   (5) 
where r+ symbolizes the far from equilibrium dissolution rate, A refers to the chemical affinity 
of the dissolution reaction, σ stands for Temkin's average stoichiometric number equal to the 
ratio of the rate of destruction of the activated or precursor complex relative to the overall 
rate, R designates the gas constant, and T represents absolute temperature.  
The numerical integration of eq 5 is performed using the same reactive fluid volume as 
the experiments which changed with time. Reactive fluid Mg concentrations increase 
continuously with time during the dissolution experiments until equilibrium is reached. The 
parameter r+ controls the slope of the concentration versus time slope at the beginning of the 
experiment, KStruvite controls the final steady-state concentration of the reactor fluid, and σ 
controls the curvature of the reactor fluid concentration from its initial slope to its steady-state 
limit.  This numerical integration was based on the assumption that r+ is independent of 
solution composition in the closed-system experiments. This assumption is supported by the 
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observation  that apatite dissolution is independent of aqueous Ca and P concentration at both 
acid and basic pH (35). Note however that r+, is a function of reactive solution pH (35-37) 
which could affect somewhat the results of the numerical integration. 
 
III-4. Results and discussion 
The evolution of the reactive fluid composition of all experiments is listed in the Table 
S1 in the supporting information. The saturation index (SI) for struvite and possible secondary 
phases in the final reactive solution sample, is also listed in this table.  No phase other than 
struvite is supersaturated, except at pH ~10 where brucite became supersaturated.  The 
temporal evolutions of the fluid composition during representative experiments are shown in 
Figure III-2. 
 
Figure III-2. Representative temporal evolution of reactive fluid Mg and P concentration 
during closed-system dissolution (a) and (b) and precipitation (c) experiments. The circles 
and squares represent measured aqueous magnesium and phosphate concentrations. The 
error bars surrounding these points correspond to a 5% and 10% uncertainty in measured 
concentration respectively. The dashed lines correspond to the description of these 
concentrations made by the numerical integration of eq 5 using rate and equilibrium 
constants listed in Table III-2. 
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Mg and P reactive fluid concentrations increase systematically with time during the 
dissolution experiments, most attaining a near to constant value before the end of each closed-
system experiment. The relative concentrations of Mg and P in the reactive fluid are 
consistent with their stoichiometric release from the original struvite in most of the 
experiments (e.g. Figure III-2b). The small differences in Mg/P ratio in solution may be due 
to the slightly higher content of MgO in the initial solid.  In several of the dissolution 
experiments (Run SC20, SC30, SC31, SC32), Mg is released from 3 to 8 times faster than that 
of P (e.g. Figure III-2a).  The reason for this behavior is unclear, though curiously these four 
experiments include the only three dissolution experiments containing NH4OH in their 
reactive fluids.  This suggests that an ammonium-phosphate phase could be precipitating 
limiting the P concentration in the fluid phase.   
 
a) Equilibrium constants were calculated assuming the NH4 concentration of the fluid was 
equal to that of the initial solution plus that of Mg added via sturvite dissolution.   
b) An equilibrium constant was not calculated for this experiment due to lack of equilibrium 
constants for aqueous hepes-metal complexes. 
c) Precipitation rate experiments.  
 
Table III-2. Summary of steady-state reactive fluid pH, struvite surface area, reactive fluid 
aqueous concentration range, dissolution/precipitation rates, and Log Kstruvite values for all 
experiments preformed in this study. 
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Two precipitation experiments were run; an example of the temporal reactive fluid 
evolution for these experiments is shown in Figure III-2c.  As was the case for the dissolution 
precipitation experiments, after a transient time of ~10 hours of elapsed time rates tend to 
slow and a steady-state concentration is attained.  The stoichiometry of precipitation is closely 
consistent with struvite precipitation during these two experiments.  
 
Figure III-3.  Struvite dissolution and precipitation rates from closed-system experiments 
generated from the temporal evolution of aqueous magnesium concentrations.  Black and 
grey squares correspond to dissolution rates measured in initial solutions containing 0 and 
0.06 mol/kg NH4, respectively.  Open circles correspond to precipitation rates.  The error 
bars surrounding the data points correspond to a 0.5 log unit uncertainty in computed rates.  






The temporal Mg and P concentration evolution in all experiments were fit using the 
numerical integration of eq 5 taking explicit account of the decrease in reactive fluid mass 
during the experiments to the generate values of r+ listed in Table III-2  Activity coefficients 
required to compute the chemical affinity (A) in eq 5 was generated using the PHREEQC 
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(22). The quality of the regression can be gauged with the aid of Figure III-2, were 
representative results of numerical integration performed using parameters in Table III-2 and 
σ =2 are shown as a curve for Mg; Mg was used for obtaining rates as opposed to P because 
the latter may be retained in the solid phase as a secondary phase in some of the experiments 
(see Figure III-2b and Table S1).  A close correspondence can be seen in these figures 
between the curves and the symbol representing measure reactive solution Mg concentration. 
Struvite dissolution and precipitation rates measured in the present study are illustrated as a 
function of pH in Figure III-3. 
 
Sturvite dissolution rates measured in NH4-free initial reactive fluids are independent of 
pH at pH 7.76<pH<10.65 and equal to 10-12.95±0.15 mol/cm2/s.  The presence of 0.06 mol/kg 
NH4 in the initial reactive fluid decrease these rates by a factor of ~15.  These relatively low 
rates further suggests that a NH4-rich phase precipitated in these experiments; note as 
mentioned above, the stoichiometry of the reactive fluids indicated a non-stoichiometic Mg 
versus P release rates in these experiments.   Measured struvite precipitation rates are similar 
to those measured for dissolution in NH4-free initial reactive fluids; the average of the two 
precipitation rate measurements is 10-13.3±0.20 mol/cm2/s.  
The dissolution rates of struvite measured in NH4-free initial reactive fluids are 
significantly higher than those of other common phosphate minerals at 25°C. For example, 
fluorapatite with chemical formula Ca5(PO4)3F has dissolution rate at pH ~9.7 of ~ r+= 10
-14.8 
mol/cm2/s which is ~1.5 order smaller than that of struvite (35). Variscite with chemical 
formula AlPO4•2H2O has dissolution rate at pH =8.99 of ~ r+= 10
-15.73 mol/cm2/s which is ~2 
orders of magnitude lower than that of struvite (38).  This rapid dissolution may be due to the 
struvite structure.  In struvite PO4 tetrahedral are linked to both magnesium octahedral and 
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interstitial ammonium groups (39). These bonds are relatively weak compared to those of 
other phosphate phases. 
 
Values of Log (IAP) for struvite calculated according to eq 1 from the final steady-state 
reactive fluid concentration.   These steady-state IAP correspond to the equilibrium constant 
for reaction 1 (KStruvite); values generated from each experiment are listed in Table 2 and 
illustrated as a function of pH in Figure III-4.   
 
Figure III-4.  Log (IAP)struvite at steady-state (corresponding to Log Kstruvite) vs pH 
calculated from aqueous magnesium and phosphate from closed-system experiments and 
assuming NH4 concentration of the fluid was equal to that of the initial solution plus that of 
Mg added via sturvite dissolution or precipitation. 
 
The Log KStruvite of these final fluids is -13.24 ± 0.5.  Results of this study are in good 
agreement with some of those previously reported in literature; previous studies reported 
pKStruvite= - 13.15 (18), and reported pKStruvite= - 13.26 (Ohlinger et al., 1998). Note, in 
contrast to these studies, other studies report that the equilibrium constant for the sturvite 
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dissolution reaction is can be as high as pKStruvite= - 9.4 (19) or as low as as pKStruvite= - 13.36 
(20).  To assure that equilibrium was attained in sturvite dissolution experiments, some 
experiments were reversed to attain steady-state fluid composition beginning from 
supersaturation. In experiment SC30 and SC32, once steady-state was attained some extra 
aqueous Mg and P was added to the reactive fluids. Variation of IAP for struvite as a function 
of pH in these reversed experiments is shown in Figure III-5. Although scatter is apparent, the 
reversed experiments are consistent with pKStruvite = -13.24 ± 0.5.  SEM images of the solid 
following these reversed experiments are consistent with the precipitation of struvite on the 




Figure III-5.  Log (IAP)struvite versus pH in experiments (a) SC30 and SCP 30, and (b)SC32 and 
SCP31. Filled and open symbols represent values for dissolution and precipitation experiments, 
respectively. 
 
Experiments performed in this study confirm that struvite dissolution and precipitation 
rates are fast.  These results confirm that struvite precipitation can be an excellent method to 
remove phosphorous from polluted waste waters, and struvite dissolution may provide an 
effective fertilizer. The struvite dissolution/precipitation rates and solubilities generated in 
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this study could provide the means to better quantify and optimize these processes as part of a 
more environmentally friendly management of phosphate during human activities.  
 
Acknowledgements 
We are grateful to Stacey Callahan, Liane Benning, Eva Valsami-Jones, Giuseppe Saldi, Raul 
E. Martinez, Therese K. Flaathen, Chris Pearce, and Jacques Schott, for helpful discussions 
during the course of this study. Alain Castillo, Jean-Claude Harrichoury, Philippe de Parceval, 
Carole Causserand, Maïte Carayon, Michel Thibaut, and Thierry Aigouy provided technical 
assistance. Support from European Community through the MIR Early Stage Training 
Network (MEST-CT-2005-021120) is gratefully acknowledged.  
 
References 
(1) Leinwebe, P.; Turner, B.L.; Meissner, R. Phosphorus. In: Agriculture, Hydrologie and 
Water Quality (eds) Haygarth P.M. and Jarvis S. C. CABI Publishing, 2002, pp. 528. 
(2) Bennett, E.M.; Carpenter, S.R.; Caraco N.F. Human impact on erodable phosphorus and 
eutrophication: A global perspective. Bioscience 2001, 51, 227-234. 
(3) Oelkers, E.H.; Valsami-Jones, E. Phosphate minerals reactivity and global sustainability. 
Elements 2008, 4, 83-87. 
(4) Conley, D.J. Biochemical nutrients cycle and nutrient management strategies. 
Hydrobiologia 2000,410, 87-96. 
(5) Filippelli, G.M. The global phosphorus cycle: Past, present, and future. Elements, 2008, 4, 
89-95. 
(6) Steen, P. Phosphorus Availability in the 21st Century: Management of a Non Renewable 
Resource. Phosphorus and Potassium 1998, 217, 25-31. 
(7) Stewart, W. Phosphorus as natural resource. In: Phosphorus: Agriculture and the 
Environment. Agronomy Monograph n°46. (eds. Sims T. and Sharpley A.), Madison, USA, 
2005. 
(8) Smil V. Phosphorus in the environment: natural flows and human interferences. Annu. 
Rev. Energ. Env. 2000, 25, 53-88. 
(9) Bassett, H.; Bedwell, W. Studies of phosphates. Part I. Ammonium magnesium phosphate 
and related compounds. J. Chem. Soc. 1933, 137, 850-870. 
(10) Grases, F.; Sohnel, O.; Vilacampa, A.I.; March; J.G. Phosphates precipitating from 
artificial urine and fine structure of phosphate renal calculi. Clin. Chim. Acta 1996, 244, 45-
67. 
(11) Matsumoto, K.; Funaba M. Factors affecting struvite (MgNH4PO4.6H2O) crystallization 
in feline urine. Biochim Biophys Acta 2007, 1780, 233-239. 
(12) Gaterale, M.R.; Gay, R.; Wilson, R.; Laster, J.N. An economic and environmental 
evaluation of the opportunities for substituting phosphorus recovered from wastewater 
treatment works in existing UK fertilizer market. Environ. Technol. 2003, 21, 1067-1084. 
III-Dissolution and precipitation of Mg phosphate 
 90 
(13) El Diwani, G.; El Rafie, Sh.; El Ibiari, N.N.; El-Aila, H.I. Recovery of ammonia nitrogen 
from industrial wastewater treatment as struvite slow releasing fertilizer. Desalination 2007, 
214, 200-214. 
(14) Le Corre, K.; Valsami-Jones, E.; Hobbs, P.; Jefferson, B.; Parsons, S.A. Agglomeration 
of struvite crystals. Water Res. 2007, 41, 419-425. 
(15) Babic-Ivancic, V.; Kontrec, J.; Brecevic, L.; Kralj, D. Kinetics of struvite to newberyite 
transformation in the precipitation system MgCl2-NH4H2PO4-NaOH-H2O. Water Res. 2006, 
40, 3447-3455. 
(16) Bouropoulos, N.Ch.; Koutsoukos, P.G. Spontaneous precipitation of struvite from 
aqueous solutions. J. Cryst. Growth 2000, 213, 381-388. 
(17) Ohlinger, K.N.; Young, T.M.; Schroeder, E.D. Predicting struvite formation in digestion. 
Water Res. 1998, 32, 3607-3614. 
(18) Taylor, A.W.; Frazier, A.W.; Gurney, E.L. Solubility products of magnesium ammonium 
and magnesium potassium phosphates. T. Faraday Soc 1963, 59, 1580–1584. 
(19) Borgerding J. Phosphate deposits in digestion systems. J. Water Pollut. Con. F. 1972, 44, 
813-819. 
(20) Buchanan, J.R.; Monte, C.R.; Robinson, R.B. Thermodynamics of struvite formation. 
Trans Am. Soc..Agric. Eng. 1994, 37, 617-621. 
(21) Aager, H.K.; Andersen, B.L.; Blom, A.; Jensen, I. The solubility of struvite. J. 
Radioanal. Nucl. Ch. 1997, 223, 213-215. 
(22) Parkhurst, D. PHREEQC (Version 2)-A Computer Program for Speciation, Batch-
Reaction, One Dimensional Transport, and Inverse Geochem. calculations.1998. Available 
from:http://usgs.gov/projects/GWC_coupled/phreeqc/ 
(23) Johnson, J.; Anderson, G.; Parkhurst, D. Database from 'thermo.com.V8.R6.230' 
prepared by at Lawrence Livermore National Laboratory, (Revision: 1.11), 2000. 
(24) Abbona, F.; Lundager, M.H.E.; Boistelle, R. Crystalization of two magnesium 
phosphate, struvite and newberyita: Effect of pH and concentration. J. Crys. Growth 1982, 
57, 6-14. 
(25) Doyle, J.D.; Parsons, S.A. Struvite formation, control and recovery. Water Res. 2002, 36, 
3925-3940. 
(26) Brunauer, S.; Emmett, P.; Teller, E. Adsorption of gases in multimolecular layers. J. Am. 
Chem. Soc. 1938, 60, 309-319. 
(27) Harouiya, N.; Chairat, C.; Köhler, S.J.; Gout, R.;Oelkers, E.H. The dissolution kinetics 
and apparent solubility of natural apatite in closed system reactors at temperatures from 5 to 
50° C and pH from 1 to 6. Chem. Geol., 2007, 244, 554-568. 
(28) Murphy, J.; Riley, J.P. A modified single solution method for the determination of 
phosphate in natural waters. Anal. Chim. Acta 1962, 27, 31-36. 
(29) Helgeson, H.C.; Murphy, W.M.; Aagaard P. Thermodynamic and kinetic constraints on 
reaction rates among minerals and aqueous solutions. II. Rate constants, effective surface 
area, and the hydrolysis of feldspar. Geochim. Cosmochim. Acta 1984, 48, 2405-2432. 
(30) Murphy, W.M.; Helgeson H.C. Thermodynamic and kinetic constraints on reaction rates 
among minerals and aqueous solutions. III. Activated complexes and the pH-dependence of 
the rates of feldspar, pyroxene, wollastonite, and olivine hydrolysis. Geochim. Cosmochim. 
Acta 1987, 51, 3137-3153. 
(31) Huertas F.J.; Chou, L.; Wollast, R. Mechanism of kaolinite dissolution at room 
temperature and pressure Part II: kinetic study. Geochim. Cosmochim. Acta 1999, 63, 3261-
3275. 
(32) Oelkers, E.H.; Schott, J. An experimental study of enstatite dissolution rates as a function 
of pH, temperature, and aqueous Mg and Si concentration, and the mechanism of 
pyroxene/pyroxenoid dissolution. Geochim. Cosmochim. Acta 2001, 65, 1219-1231. 
III-Dissolution and precipitation of Mg phosphate 
 91 
(33) Aagaard, P.; Helgeson, H.C. Thermodynamic and kinetic constraints on reaction rates 
among minerals and aqueous solutions. I. Theoretical considerations. Am. J. Sci. 1982, 282, 
237-285. 
(34) Lasaga, A.C. Transition state theory. In kinetics of geochemical processes. Lasaga and 
Kirkpatrick ed. 1981, 8, 135-169. 
(35) Chairat, C.; Schott, J.; Oelkers, E.H.; Lartigue, J.-E.; Harouiya, N. Kinetics and 
mechanism of natural fluorapatite dissolution at 25 °C and pH from 3 to 12. Geochim. 
Cosmochim. Acta 2007, 71, 5901-5912. 
(36) Valsami-Jones, E.; Ragnarsdottir, K.V.; Putnis, A.; Bosbach, D.; Kemp, A.J.; Cressey, G. 
The dissolution of apatite in the presence of aqueous metal cations at pH 2-7. Chem. Geol. 
1998, 151, 215-233. 
(37) Guidry, M.W.; Mackenzie, F.T. Experimental study of igneous and sedimentary apatite 
dissolution: Control of pH, distance from equilibrium, and temperature on dissolution rates. 
Geochim. Cosmochim. Acta 2003, 67, 2949-2963. 
(38) Roncal-Herrero, T.; Oelkers, E.H.. Does variscite control phosphate availability in acidic 
natural waters? An experimental study of variscite dissolution rates. Geochim. Cosmochim. 
Acta -In press-2009. 
(39) Huminicki, D.M.C.; Hawthorne, F.C. The crystal chemistry of phosphate minerals. Rev. 
































III-Dissolution and precipitation of Mg phosphate 
 92 
 








“PRECIPITATION OF RHABDOPHANE 
(REEPO4·nH2O) FROM SUPERSATURATED 
AQUEOUS SOLUTIONS: IMPLICATIONS 
FOR THE RARE EARTH ELEMENTS 




IV-Precipitation of La and Nd phosphates 
 94 
Résumé en français de l’article: 
«Précipitation de rhabdophane (REEPO4·nH2O) à partir de 
solutions aqueuses supersaturées: Implications pour les 
concentrations de REE des eaux naturelles.» 
 
1. Introduction 
Les Terres Rares (TR) sont utilisées comme traceurs de source de processus de fluides 
et d'intéractions de roches (e.g. Fee, 1992, Jeandel et al., 1995, Johannesson et al., 2000, 
Welch, 2009); les concentrations de lanthane et néodyme dans les rivières sont assez basses, 
elles varient respectivement de 10 à 936 pmol/L et de 7.94 a 1070 pmol/L (Gaillardet et al., 
2003). 
 
La rhabdophane est un phosphate de TR hydraté, de formule chimique: XPO4.nH2O ou 
X peut être REE, Y, Ca, Pb, Th, U, Fe. Cette phase a un rôle important dans le contrôle de TR 
dans les sols et les eaux (e.g. Jonasson, et. al., 1985, Chaïrat et al., 2006). 
 
Cette étude montre l'évolution de la composition de la phase liquide pendant la 
précipitation du rhabdophane à différentes températures. Le but de cette étude est donc de 
comprendre et de quantifier le contrôle par le rhabdophane de la disponibilité du phosphate et 
terre rares dans les eaux naturelles. 
 
2. Méthodes expérimentales 
La précipitation des phosphates étudiés a été réalisée dans des réacteurs fermés. 5 mL 
de solution 0.1 M La(NO3)3.9H2O ou Nd(NO3)3.9H2O ont été mélangés avec 5 mL de 0.1 M 
KH2PO4 et 0.09 M KOH dans un réacteur en Téflon. Les solutions ont été préchauffées à la 
temperature de l’expérience avant d’être mélangées. Le réacteur est placé dans une enceinte 
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thermostatée à 5, 25, 50 ou 100°C et est agité manuellement plusieurs fois par jour. Pendant 
les expériences, des échantillons de solution ont été prélevés à intervalles de temps réguliers, 
pour déterminer les quantités d’éléments enlevés de la solution par la précipitation des phases 
solides. Les échantillons prélevés ont été refroidis et centrifugés ; le lixiviat est séparé et passé 
sur une membrane filtrante tandis que les solides ont été récupérés en vue de leur 
caractérisation. La structure des solides a été déterminée par diffraction des rayons X (DRX) 
et spectroscopie infrarouge en réflexion totale atténuée (FTIR-ATR). Les surfaces spécifiques 
des solides ont été mesurées à l’aide de la méthode BET par adsorption d’azote. Les solides 
précipités ont été observés par Microscopie Electronique à Balayage MEB-FEG  et par 
Microscopie à Transmission (TEM). Le phosphore total a été analysé par colorimétrie à 882 
nm en utilisant la méthode du heptamolybdate-ascorbique  et les TR ont été mesurées par 
ICP-MS. 
 
3. Résultats principaux de l’étude 
La taille et la surface BET de tous les solides obtenus dans cette étude au début et 
après 168 heures de réaction sont données dans le Tableau IV-1. Pour les deux types de 
phosphates, la précipitation commence avec la formation d’une phase cristalline avec une 




.2H2O sur la Figure IV- 1. Avec le temps, ces 
solides croissent en longueur grâce à la dissolution de petites particules, comme le montrent 
les clichés MET de la Figure IV-2 et la distribution de particules de la Figure IV-3. Cette 
croissance est plus lente dans le système de néodyme. La surface spécifique des solides 
synthétisée après 168 heures de réaction, pour le phosphate de néodyme diminue lorsque la 
température augmente. Dans le système de phosphate de lanthane, des diagrammes de RX 
montrent l'apparition de monazite (LaPO4). Cette nouvelle phase est aussi trouvée dans les 
spectres FTIR de la Figure IV et le Tableau IV-4 où est donnée la position des vibrations. 
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Dans le système de phosphate de néodyme, la phase NdLaPO4
.2H2O se déshydrate avec le 
temps. Les spectres FTIR de la Figure IV-4 et du Tableau IV-4 montrent comment s'ordonne 
la structure. 
 
La composition chimique des solutions récupérées pendant les expériences ainsi que 
leur index de saturation (S.I.) et Log IAP par rapport aux phases solides sont rassemblés dans 
les Tableaux 2 et 3. Les index de saturation, définis comme: 
 
(où IAP représente le produit des activités ioniques et K est la constante de dissociation du 
solide), ont été calculés avec PHREEQC (Parkhurst, 1999) et la base de données lnll 
(Johnson, 2000). La précipitation des phases est immédiate ; dans la première minute, 90% de 
la quantité initiale de phosphate est enlevée de la solution pour former le rhabdophane. Les 
valeurs de S.I. suggèrent que les deux systèmes sont supersaturés par rapport au rhabdophane 
et sous-saturés en oxydes. La variation de Log IAP au cours du temps et pour toutes les 
températures est visible dans la Figure IV-5 pour les deux systèmes. Après 40 heures de 
réaction, la valeur du Log IAP, est constante. Les valeurs du Log IAP en fonction de la 
température, générées pendant cette étude, sont: pour le rhabdophane de La, à 5°C Log IAP = 
-22.77,  à 25ºC Log IAP = -22.84,  à 50ºC Log IAP = -23.32,  et à 100°C  Log IAP = -24.33 ; 
et pour la rhabdophane de Nd,  à 5°C Log IAP = -21.9,  à 25°C Log IAP = -20.8,  à 50°C Log 
IAP = -21.8 et  à 100ºC Log IAP = -23.3. 
 
3.1. Implication pour les eaux naturelles 
Le rhabdophane précipite directement et rapidement dans les solutions supersaturées. Si on 
compare la composition d’eaux naturelles avec les constantes de solubilité du rhabdophane de 
La et Nd, représentées dans la Figure IV-6; on peut observer que la distribution des TR dans 
le système naturel est proche de l’équilibre. La concentration de TR dans les systèmes 
)/(.. KIAPLogIS =
IV-Precipitation of La and Nd phosphates 
 97 
naturels est donc l’equilibre avec le rhabdophane, par les vitesses de dissolution et de 
précipitation, et par la solubilité de phases minérales phosphatées  
 
4. Conclusion 
 Les expériences réalisées pendant cette étude démontrent que l’on peut faciliment 
précipiter le rhabdophane à différentes températures. Cette phase arrive rapidement à 
l’équilibre. Le contrôle de la concentration naturelle des TR par la précipitation de minéraux 
phosphatés est la première étape dans la quantification de la composition des TR dans les 
eaux naturelles. 
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Abstract 
Aqueous solutions at pH ~ 1.9 and supersaturated with respect to rhabdophane were 
created at 5, 25, 50, and 100° C by mixing solutions containing La(NO3)3·9H2O or 
Nd(NO3)3·9H2O and KH2PO4.  Crystalline La and Nd rhabdophane precipitated immediately 
following mixing in all experiments.  The initial size of these crystals depends on temperature 
and identity of REE.  At 5° C initial La-rhabdophane crystals average 43.8 nm in length; this 
length increase to 54.2 nm at 100° C.  At 5° C initial Nd-rhabdophane crystals average 39.9 
nm in length; this length increases to 94.3 nm at 100° C. The crystals tend to grow with time. 
Initial reactive solutions have reaction quotients for rhabdophane precipitation 
according to: 
REE3+ + PO4
3- + nH2O= REEPO4·nH2O   
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of ~10-20.5 in all experiments.  This reaction quotient decreases with time, consistent with 
rhabdophane precipitation, approaching rhabdophane saturation after ~100 hours of elapsed 
time.  The rapid equilibration of these originally rhabdophane-free solutions with this mineral 
from 5 to 100° C suggests that the REE concentrations of many natural waters will be 
buffered by rhabdophane.  
 
IV-1. Introduction 
Rare Earth Elements (REE) have limited mobility, similar chemical behaviour and 
fractionate during weathering and sedimentation. As such, they have been extensively used as 
potential as chemical tracers of natural fluid–rock processes source of aqueous and sediments 
system (Fee, 1992, Jeandel et al., 1995, Johannesson et al., 2000, Hannigan and Sholkovitz, 
2001, Borrego et al., 2005, Tanaka and Kawabe, 2006, Andersson, 2008, Mourier et al., 2008; 
Welch, 2009). Natural REE concentrations in river water are relatively low; lanthanum and 
neodymium concentrations range from 10 to 936 pmol/L and 7.94 to 1070 pmol/L 
respectively (Gaillardet et al., 2003). In sea water, REE concentrations are even lower, 
lanthanum concentration range from 16.5 to 82.3 pmol/L (De Baar et al. 1983) and 
neodymium from 46.3 to 359.8 pmol/L (Hoyle et al 1984).  
 
A number of studies have suggested that phosphate minerals, and in particular 
rhabdophane, play a significant role in controlling the REE concentrations of natural waters 
and soils (Jonasson, et. al., 1985, Byrne and Kim, 1993, Braun et al., 1998, Hongbing et al., 
2004, Köhler et al., 2005). Phosphates of the rhabdophane group have a chemical formula 
XPO4.nH2O where X stands for REE, Y, Ca, Pb, Th, U, Fe; and n represents the number of 
water molecules in the structure which varies from 0.5 to 2. It has a hexagonal structure with 
large channels in the c-direction (Mooney 1950).  Theses channels are able to incorporate 
nonstoichiometric water (Kijkowska et al. 2003). In natural environments, rhabdophane forms 
IV-Precipitation of La and Nd phosphates 
 100 
from the alteration of REE bearing igneous minerals (Mitchell, 1965, Taunton et al., 2000b, 
Oelkers et. al., 2008b, and from co-precipitation during apatite dissolution (Taunton et al., 
2000b, Aubert, 2001, Köhler et al., 2005).   
 
The aim of the present study is to evaluate the possibility that rhabdophane 
precipitation limits the concentration of REE elements in natural waters.  Towards this goal, 
the rate and identity of solids precipitated from aqueous solutions supersaturated with respect 
to rhabdophane was monitored as a function of time and temperature.  The evolution of the 
fluid composition was also monitored to quantify the degree of supersaturation during the 
experiments.  The purpose of this manuscript is to report the results of these experiments and 
to use the results to understand the role of phosphate on aqueous REE availability in waters. 
 
A number of previous studies provided insight into the behaviour of REE-phosphate 
precipitation from REE3+ and PO4
3- bearing aqueous solutions (Min, et. al. 2000, Onoda, 
2002, Lucas et al. 2004, Zhang and Guan, 2005, Bregiroux et. al, 2006, Campayo, 2007). 
These past studies were motivated to develop synthesis methods for REE phosphates which 
could then be used for industrial applications including production of solid-state fuel cells 
(Norby and Christiansen, 1995), production of laser materials (Nedelec et al., 2002), and as 
analogues for nuclear waste storage hosts (Chaïrat et al., 2006, Oelkers and Montel, 2008). 
These studies demonstrated that rhabdophane can be readily synthesized, but do not report the 
fluid composition during these precipitation experiments.  In contrast, a number of studies 
aimed at determining the solubility of REE phosphate at various temperatures monitored the 
fluid composition during rhabdophane dissolution (Liu and Byrne, 1997, Firsching and Brune, 
1991, Cetiner et al., 2005).  Taking account of these measurements, a number of studies have 
concluded that natural waters are commonly close to equilibrium with respect to rhabdophane.  
To date, however, no study has reported the compositional evolution of the fluid phase during 
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rhabdophane precipitation.  Without such information it is not possible to determine, 
unambiguously, the degree to which natural water REE contents may be buffered by 
rhabdophane-water interaction.  The present study was designed to address this question. 
 
IV-2. Materials and methods 
Rhabdophane was synthesized in the present study by mixing together 100 mL of two 
distinct aqueous solutions at temperatures of 5, 25, 50, and 98°C.  The two mixed solutions 
were aqueous 0.1 M La(NO3)3.9H2O or Nd(NO3)3.9H2O solutions and a solution containing 
0.1 M KH2PO4 and 0.09 M KOH prepared with 18 MΩ Milli-Q grade H2O.   The pH of the 
La(NO3)3.9H2O, Nd(NO3)3.9H2O, and KH2PO4/KOH stock solutions were 1.2, 1.3, and 4.8 
respectively, as determined at 25ºC with an ORION pH-meter and a Toledo electrode 
calibrated with NBS standards buffer solutions. All aqueous solutions and reactors were 
brought to the experimental temperature prior to mixing.  These solutions were mixed by 
adding the second solution to the first in 5 mL increments in a 200 mL glass reactor.  The 
initial pH of the mixed solutions was 1.9.  The reactors were immediately sealed and placed in 
constant temperature ovens or refrigerators.  The solutions that were mixed at 98° C were 
heated to 100° C in this oven after sealing.  The experiments ran for 168 hours.  Experiments 
were performed at low pH because REE are more soluble at these conditions (Tosiani et. al. 
2004) allowing for accurate analysis of the fluid phase composition during the experiments. 
This low pH also avoids La(OH)3 and Nd(OH)3 precipitation and the dominant aqueous 
species in solution are H3PO4, H2PO4
-, H+, and REE3+. All reactors were shaken manually 
several times per day and prior to sampling.  Fluid/precipitate suspensions were sampled 
regularly from each reactor. All samples were quenched to 25° C immediately after sampling.   
 
The quenched samples were centrifuged at 23,000 rpm to separate solids from the 
liquid phases. The liquid phase was filtered through a 0.2 µm polycarbonate filters and diluted 
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with an acidic 0.1M HNO3 solution prior to analyses.  Aqueous lanthanum and neodymium 
were measured by Inductive Coupled Plasma Mass Spectrometry (ICP-MS) using a Perkin 
Elmer Optima 5300DV. Total aqueous phosphorus was measured by absorbance 
spectrophotometry using a 3000Series UV/Visible Cecil CE3041 spectrophotometer at a 
wavelength of 882 nm, using the abscorbic-molybdate blue method with an uncertainty of 
±10% (Kuo, 1996). The final pH of the fluid phase remaining at the end of each experiment 
was measured at 25° C. 
 
Measured solution compositions were used to assess solute speciation and mineral 
saturation states with the aid of PHREEQC (Parkhurst 1998) together with its llnl database 
(Johnson 2000). This thermodynamic model adopts a standard state of unit activity for pure 
minerals and H2O at any temperature and pressure. For aqueous species other than H2O, the 
standard state is unit activity of the species in a hypothetical 1 molal solution referenced to 
infinite dilution at any temperature and pressure.  Ion activity product (IAP) of rhabdophane 
was calculated assuming it precipitates according to  
REE3+ + PO4
3- + nH2O= REEPO4·nH2O        (1) 
where REE3+ represents either lanthanum or neodymium.  Consistent with the 
standard state, the IAP of rhabdophane is given by 
IAP = −+ 343 POREE
aa           (2) 
where ai refers to the activity of the subscripted aqueous species.  
 
All solid phases were washed 3 times with MilliQ water and subsequently dried at 
room temperature. X-ray powder diffraction (XRD) analyses were performed using a Philips 
PW1050 diffractometer and Cu-Kα radiation (λ=1.5406 A).  Scans were recorded from 10 to 
65º 2θ at a 0.1º/min scan rate and a step size of 0.01º. Patterns were compared to the standard 
mineral files compiled in the PDF2 database (JCPDS, International Center for Diffraction 
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Data).  Mid-Infrared spectra of the solids were recorded from 650 to 4000 cm-1 using an A2-
Technology MicroLab Portable mid-IR spectrometer, with a diamond internal reflection 
(DATR) sampling system. Spectra were recorded with a 4 cm-1 resolution by co-adding 128 
scans. Spectral manipulation including baseline adjustment, smoothing, normalization, and 
band component analysis was performed using the Thermo Nicolet OMNIC E.S.P. 5.1 
software package. Selected samples were also observed using medium resolution transmission 
electron microscopy (TEM) using a JEOL 1200-MIALL. Samples were dispersed in ethanol 
and deposited on holey carbon TEM grids and imaged at 80 KeV.  Observations were 
recorded as photomicrographs, which were subsequently digitized and crystal dimensions 
were measured by calculating the best fit of an ellipse to the contours of the crystal using 
software Image J. The specific surface area of all solid samples was determined by the BET 
method, (Brunauer et al., 1938) using an 11-point nitrogen adsorption fit and a 
MicroQuantachrome instrument with samples degassed at room temperature for 20 hours 
prior to analyses.  
 
IV-3. Results and discussion 
Precipitation of lanthanum or neodymium phosphate was observed immediately after 
mixing in all the experiments. The analysis of solids taken from experiments by XRD show 
all precipitated solids to be crystalline rhabdophane. The final surface area of the recovered 
solids is provided in Table IV-1.  These surface areas after 168 hours of synthesis generally 
decrease with increasing temperature. In the lanthanum system, the specific surface area 
varies decreases from 115 m2/g for the solid synthesized at 5°C to 63 m2/g for the solid 
synthesized at 100°C. In the neodymium system, specific surface area decreases from 91 m2/g 
for the solid synthesized at 5°C to 54 m2/g for the solid synthesized at 100°C.  
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Table IV-1. Average length and width, crystal size, and specific surface area (S.A.)of the 
recovered solid as a function of temperature at initial time (t=0h) and after 168h of elapsed time. 
 
The temporal evolution of aqueous compositions is listed in Tables IV-2 and IV-3.  90% 
of the initial phosphate and lanthanum or neodymium in aqueous solution was removed 
within the first minute, consistent with the precipitation of phosphate phases. Also listed in 
Tables IV-2 and IV-3 are the IAP of the solutions with respect to rhabdophane and the 
saturation index of these solutions with respect to Rare-Earth Element hydroxide phases.  
These saturation indexes suggest that all solutions are undersaturated with respect to these 
hydroxides. 
 
IV-3.1. Lanthanum-phosphate experiments 
X-ray powder diffraction patterns of solids obtained from the lanthanum phosphate 
precipitation experiments are shown in Figure IV-1. With time, the initial phases increase in 
crystalinity.  All phases remain rhabdophane  throughout the experiments, though after 168 h 
of elapsed time at 100° C the XRD pattern suggests some minor monazite (dehydrated 
LaPO4) formed.  




Figure IV-1. XRD patterns of solids obtained as a function of temperature during 
experiments; (a) La-rhabdophane synthesized at time t=0h and (b) after 168h of elapsed time; 
Nd-rhabdophane synthesized (c) at time t=0h and (d) after 168h of elapsed time. The latter 
patterns match closely the reference patterns for LaPO4
. 
0.5H2O (PDF 046-1439), LaPO4 
(PDF 035-0731), NdPO4
. 
0.5H2O (PDF 034-0535), and NdPO4
. 
2H2O (PDF 039-1385). 
 
The solid recovered at all temperatures present nano-wire morphology, as shown in the TEM 
images in Figure IV-2.  This morphology persists throughout the experiments but the grain 
size appears to increase with time.  The length of rhabdophane particles measured from TEM 
photomicrographs is shown in Figure IV-3 where it can be seen that the average particle 
length increases with time during the experiments.  The crystals recovered from the 5°C 
experiment at time t=0h exhibit a narrow size range from ~18 to 72 nm with an average length 
of 47 ± 11.9 nm. The crystals recovered from the 5°C after 168 hours of elapsed time ranged 
in size from ~23 to 122 nm with an average length of 54 ± 17.4 nm.  The average width of 
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these samples, as listed in Table IV-1 is 6.5 ± 1.5 nm and does not vary significantly with 
time. The initial crystals synthesized at 100°C exhibited size range from ~24 to 244 nm with 
an average length of 105 ± 47.9 nm. The crystals synthesized at 100°C after 168 hours range 
in size from ~30 to 312 nm with an average length of 116 ± 52.9 nm.  The average width of 




Figure IV-2. La-Rhabdophane synthesized at temperature 5ºC (a) at time t=0h and (b) after 
168h of elapsed time; La-Rhabdophane synthesized at temperature 100ºC (c) at time t=0h 
and (d) after 168h of elapsed time;  Nd-Rhabdophane synthesized at temperature 5ºC (e) at 
time t=0h and (f) after 168h of elapsed time;  Nd-Rhabdophane synthesized at temperature 











Figure IV-3. Particles length size distribution of crystals obtained from measurement of 150 crystals in TEM 
photomicrographs of different samples: La-Rhabdophane synthesized at temperature 5ºC (a) and 100ºC (b) at 
initial time and 168h. Nd-Rhabdophane synthesized at temperature 5ºC (d) and 100ºC (c) at initial time and 
168h. 
 
FT-IR spectra of the synthesized lanthanum phosphates are shown in Figure IV-4; all 
peak positions are provided in Table IV-3.  The assignments of the observed peaks were made 
with the aid of previously interpreted spectra (Rajesh et al. 2004, Min et al. 2000, Yan et al. 
2004, Assaaoudi et al., 2001, Liu et al., 2008, Kijkowska, 2003, Farmer, 1974, Socrates, 
2004). There is a broad band in the region 3460-3300 cm-1, assigned to the water O-H 
stretching vibrations and the corresponding H-O-H bending vibration is apparent at ~1645cm-
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100° C experiment consistent with the XRD pattern described above.  The peaks between 
1200 cm-1 and 800 cm-1 correspond to P-O interactions.  Peaks at ~1049 cm-1 and ~1010 cm-1 
correspond to the P-O stretching vibration ν3 and that at 975 cm
-1 to ν1.  Phosphate peaks get 
sharper and better defined with increasing temperature.  
 
Figure IV-4. FTIR spectra of rhabdophane as a function of temperature at 5, 25, 50 and 
100ºC for La-Rhabdophane synthesized at initial time t=0h(a); synthesized after 168h of 
elapsed time(b); Nd-Rhabdophane synthesized at initial time t=0h(c); synthesized at 168h of 
elapsed time (d). Main bands are indicated by dashed lines and numbers on the left side of this 
lines which correspond to the bands in Table IV-3. Details of the band assignments are 
discussed in Table V-3 and in the text. 
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(1) LaPO4.10H2O + H 
+= HPO4 
2- + La 3+ + 10 H2O  Log K= -12.38 (lnll) 
(2) LaPO4.2H2O = PO4 
3- + La 3+ + 2 H2O  Log K= -25.7 (Liu and Byrne. 1997) 
(3) LaPO4.2H2O = PO4 
3- + La 3+ + 2 H2O  Log K= -24.5 (Jonasson et al. 1985) 
 
Table IV-2. Chemical evolution and saturation indexes for selected phases of the 
aqueous phase of the 5, 25, 50 and 100°C La-rhabdophane synthesis experiments. 
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 + La 
3+
 + 10 H2O  Log K= -12.18 (lnll) 
 (2)NdPO4.2H2O = PO4 
3-
 + La 
3+
 + 2 H2O  Log K= -26.2 (Liu and Byrne. 1997) 
 
Table IV-3. Chemical evolution and saturation indexes for selected phases of the aqueous 
phase of the 5 25, 50 and 100°C Nd-rhabdophane synthesis experiments. 
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Table IV-4. Main FTIR band positions in cm
-1
 for the precipitates collected from the 
lanthanum and neodymium phosphate experiments, as shown in Figure IV-4; ν =stretching; 
δ=bending. 
 
IV-3.2. Neodymium -phosphate experiments 
X-ray powder diffraction patterns of solids obtained from the neodymium phosphate 
precipitation experiments are shown in Figure IV-1. Phases remain stable and crystallinity 
increases with temperature and time.  These patterns match closely those of the reference 
patterns for NdPO4
.0.5H2O and NdPO4
.2H2O. TEM images of some of these samples are 
shown in Figure IV-2.  Nd-rhabdophane appears to grow a somewhat slower rate than the La-
rhabdophane.  As was the case for the La-rhabdophane, all Nd-rhabdophane exhibits nano-
wire morphology, and the crystals increase in size with synthesis time as can be seen in 
Figure IV-3 and Table IV-1.  . Nd-rhabdophane crystals synthesized at 5°C at time t=0h have 
lengths ranging from ~17 to 88 nm with an average length of 40 ± 13.5 nm. Average width of 
these crystals is is ~5 nm ±1.3 nm.  The size of these crystals increased with synthesis time; 
those recovered from the 5°C experiments after 169 h of elapsed time had lengths ranging 
from ~28 to 127 nm with an average length of 61 ± 19.9 nm. Nd-rhabdophane crystals 
synthesized at 100°C at time t=0h have lengths ranging from ~39 to 158 nm with an average 
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length of 94 ± 27.9 nm. The size of these crystals increased with synthesis time; those 
recovered from the 100°C experiments after 169 h of elapsed time had lengths ranging from 
44 to 347 nm with an average length of 149 ± 70.4 nm.  
  
FT-IR spectra of various synthesized neodymium phosphate phases and the assignments 
for each spectrum are shown in Figure IV-4 c and d ; all peak positions are provided in Table 
IV-3.  These spectra are similar to those for the synethesized La rhabdophane.  There is a 
broad band in the region 3450-3300 cm-1, assigned to the water O-H stretching vibrations and 
the corresponding H-O-H bending vibration is seem at ~1635cm-1. The intensity of water 
band decrease with increasing temperature and elapsed time. This water loss is observed in 
FTIR patterns is not evident, however, in the XRD patterns. Main peak at ~1065 cm-1 and 
~1010 cm-1 correspond to the P-O stretching vibration ν3 and at 970 cm
-1 in ν1.  Phosphate 
peaks get sharper and better defined with increasing temperature and elapsed time.  A peak is 
at ~1345 cm-1 is apparent in some of the crystals at 25°C which likely corresponds to 
adsorbed CO3
2- groups on these crystals. 
 
IV-3.3. Chemical evolution of the aqueous phase 
Insight into the evolution of the fluid-precipitate system can be gained by 
consideration of the fluid phase reaction quotient with respect to potential precipitating 
phases. The temporal evolution of the IAP of lanthanum and neodymium rhabdophane in the 
reactive fluids from the 5, 25, 50, and 100ºC synthesis experiments are represented in Figure 
IV-5.  These IAP decrease rapidly during the first minutes of each synthesis experiment 
consistent with the precipitation of an REE phosphate phase.  A near constant IAP value for 
La rhabdophane is attained after ~40 h of elapsed time.  The logarithm of the steady state IAP 
for La rhabdophane are -22.77 at 5° C, -22.84 at 25ºC, -23.32 at 50ºC, and -24.33 at 100° C.   
Despite some scatter, the IAP for Nd-rhabdophase also appears to stabilize after ~ 40 h of 
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elapsed time.   The logarithm of the steady state IAP for Nd rhabdophane are are -21.9 at 5° 
C, -20.8 at 25ºC, -21.8 at 50ºC, and -23.3 at 100° C.    
 
Figure  IV-5. Change in Log (IAP) as a function of elapsed time synthesized at temperature 
5, 25, 50 and 100ºC for (a) La-Rhabdophane and (b) Nd-Rhabdophane. 
 
The degree to which these IAP values correspond to the true solubility of La and Nd 
rhabdophane (e.g. the equilibrium constant for reaction 1) could be confirmed by reversing 
these experiments (e.g. dissolving the recovered rhabdophane powders until steady state).   
 
It is interesting to note that the steady state IAP values reported in this study are higher 
than corresponding values reported in the literature.  Logarithms of La-rhabdophane solubility 
constants reported in the literature include a value of -25.44 by Firnsching and Brune (1991), -
24.74 by Jonasson et al (1985); and -25.7±0.5 by Liu and Byrne (1997).  Similarly logarithms 
of Nd-rhabdophase solubility products reported by these authors are -25.42, -26.41, and -26.2.  
It is not clear why these differences are so large, but could stem from a number of reasons 
including 1) differences in the database used to regress solubility data.  The present study took 
account of the LLNL database which has provision for a large number of REE-phosphate 
aqueous complexes (e.g La(HPO4)2
-, La(PO4)2
3-, and LaH2PO4
2+) that were not available to 
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the previous studies.  In fact 7 distinct La and Nd aqueous complexes are included in the 
current llnl database that was not considered in the previous studies. 2) The small size of the 
rhabdophane precipitated in the present study could lead to higher apparent solubilities; 
previous workers suggested that rhabdophane solubility is strongly dependent on crystallinity 
(Liu and Byrne, 1997, Cetiner, 2005)  3) equivalently experimental artifacts could be present 
in the previous studies.  Each of these factors will be considered in detail in our future efforts 
in understanding the stability of REE phosphate minerals.     
 
IV-3.4. Implications for natural fluids 
Results presented above demonstrate that rhabdophane precipitates directly and rapidly 
from supersaturated aqueous solutions.  Reactive fluids that are supersaturated with respect to 
rhabdophane rapidly approach equilibrium with respect to this phase as it precipitates.  These 
observations suggest that rhabdophane precipitation should place an upper limit on the 
concentration of Rare Earth Elements in natural solutions.  To assess if this is truly the case a 
comparison between the compositions of natural waters and the solubility constants of La and 
Nd rhabdophane as determined in this study are compared in Figure IV-6. Natural 
compositions were compilled from Gaillardet et al. (2003), Johannesson et al. (1995a, 1995b, 
1996a, 1996b, 1996c), Nordstrom et al. (1992), Smedley (1991) and Stilles et al., (2009). La 
and Nd activities plotted in this figure lie remarkable close to the corresponding lines 
representing REE solubilities.  This result is remarkable consistent with the results of the 
experiments presented above confirming that the REE concentrations of natural waters are 
likely limited by rhabdophane precipitation.  Small differences between the lined and data 
points in Figure 6 could stem from the affect of rhabdophane solid solution on mineral-fluid 
equilibrium.   
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Figure IV-6. Log (a La
3+
 or a Nd
3+
) versus log (a PO4) for La-Rhabdophane (bold grey line), 
Nd-Rhabdophane (dash black line) in equilibrium with the water. Grey triangles and black 
circles are activity of lanthanum and neodymium respectively data from natural waters 
recompiled from bibliography. 
 
IV-4. Conclusion 
This study has demonstrated experimentally that rhabdophane precipitates directly and 
equilibrates rapidly with solutions that are supersaturated with respect to this phase at all 
temperatures from 5 to 100° C.  These observations suggest that rhabdophane precipitation 
should serve as an upper limit for REE concentrations of natural fluids.  This conclusion is 
confirmed by the close correspondence between La- and Nd- rhabdophane solubility constants 
generated in this study and the compositions of natural fluids.  The control of natural REE 
concentrations by the precipitation of phosphate bearing minerals provides a rigorous first 
step in the quantifying of ‘REE compositional spectra’ of natural waters.   
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Despite the close correspondence between rhabdophane solubility constants measured 
in this study and natural water compositions, there remains a poor correspondence among the 
rhabdophane solubility products reported in the literature.  These differences likely stem from 
uncertainties and differences in the thermodynamic databases used to describe the speciation 
of the REE and phosphates in the aqueous phase.  As such this incoherence underscores the 
necessity to revisit and upgrade these thermodynamic databases to enable consistent and 
accurate interpretation of both laboratory experiments and field observations. 
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Résumé en français de l’article: 
«Le rôle des minéraux phosphates dans le contrôle de la 
composition de terre rares dans les eaux naturelles.» 
 
1. Introduction 
Le contrôle de la concentration de REE dans des systèmes naturels est exercé par les 
phases solides phosphates, comme le rhabdophane (e.g. Jonasson et al., 1985 ; Köhler et al., 
2003). L’apatite est présente dans plusieurs systèmes naturels. Elle a une formule chimique 















 (Huminicki et Hawthorne, 2002).  
 
Cette étude recherche, à travers des expériences de dissolution d'apatite, le 
comportement de cooprécipitation de rhabdophane. La dissolution de l’apatite est bien connue 
(e.g. Chaïrat et al., 2007). Au cours de cette étude, la dissolution de l’apatite a été effectuée en 
présence de fer, d'acides fulviques et d'acétate, pour observer l'influence de ces composants 
sur la distribution de REE en phase fluide et solide. 
 
2. Méthodes expérimentales 
L'apatite pegmatitique naturelle du Brésil a été utilisée. Le solide a été broyé, séparé et 
nettoyé à l’alcool. La nature de ce minéral a été étudiée par diffraction de rayons X. La 
composition chimique moyenne a eté déterminée par analyses de microsonde et fusion 
alcaline. La surface spécifiques de l’apatite a été mesurée par la méthode BET par adsorption 
du krypton, est de ~1140cm
2
/g. L’observation des grains a été effectuée par MEB (Figure V-
1). Les expériences de dissolution ont été conduites dans des réacteurs fermés à pH 4 et 6. La 
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composition initiale des fluides est reporteé dans le tableau V- 1. Le pH a été mesuré pour 
chaque échantillon. Le calcium a été déterminé par SAA-AA. Le phosphore et les TR on été 
mesuré par ICP-MS en utilisant un système de désolvatation. 
 
La dissolution de l’apatite peut s’écrire selon la réaction suivante: 
Ca5(PO4)3F = 5 Ca
2+




                                       (3) 





                                     
(4) 






+ nH2O=  REEPO4
.
nH2O                            (5) 






aaK                                        (6) 
où 
apatite
K  est la constante d’équilibre pour la réaction (3), et erhabdophanQ  est la  constante 
d’équilibre pour la réaction (5); ,ia  représenté l’activité pour chaque espèce. L’affinité 















                                                                (7) 
où R est la constante des gaz parfaits(R=8.3144 J/mol), T est la température (°K), Q  
etK  sont le quotient de la réaction et la constante de solubilité des minéraux et SI est l'index 
de saturation )/(logSI KIAP= .  
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Les calculs thermodynamiques sont conduits à l’aide du code PHREEQC (Parkhurst, 
1998) et la base de données llnl (Johnson et al., 2000) avec calcul de formation du complexe 
Nd-acide humique avec “Humic Ion-Binding Model V” (Sonke, 2007). 
 
La vitesse de dissolution de l’apatite est déterminée à partir de l'évolution de la teneur 
de la solution en Ca lors de la disolution de l’apatite dans un reacteur fermé. Cette vitesse est 


















exp1          (5) 
ou r+ est la vitesse de dissolution loin de l’équilibre, A est l'affinité chimique, σ est le 
coefficient de Temkin égal au rapport de la vitesse de destruction du précurseur du complexe 
active à la vitesse de dissolution totale, R est la constante de gaz et T est la température 
absolue. 
 
3. Résultats principaux de l’étude et discussion 
Les résultats de toutes les expériences sont rassemblés dans le tableau V-3. 
L'évolution de la composition de Ca dans les fluides est illustrée sur la figure V-2. L'évolution 
temporelle de la concentration de Ca a été ajustée à l'équation (5), en tenent compte du 
changement du fluid lié aux prélèvements. Le cœfficient d'activité ionique pour chaque 
espèce a été calculé avec le code PHREEQC. Les paramétres utilisés pour faire cet ajustement 
sont représentés dans le tableau V-4. Dans la figure III-2, sont représentées ces courbes 
d'ajustement, qui décrivent bien l'évolution du Ca. 
 
Dans les expériences de dissolution, la concentration de Ca augmente avec le temps 
jusqu’à rester plus au moins stable à la fin des expériences.  
V-Fate of REE during apatite dissolution 
 125 
La vitesse de dissolution de l’apatite diminue d’environ deux 2 ordres de grandeur en 
présence de fer. Ce résultat est en accord avec Valsami-Jones et al. (1998) qui ont trouvé une 
diminution de la vitesse de dissolution de l’apatite en présence de Pb ou Cd. La présence 
d'acide fulvique augmente la vitesse de dissolution d’environ un ordre de grandeur. L’acétate 
n’a aucun effet sur la vitesse de dissolution de l’apatite. 
 
L’évolution des TR au cours de chaque expérience est présentée sur la figure V-4. La 
dissolution de l’apatite en présence d'acide fulvique ou de fer fait aboutir à un enrichissement 
de TR lourde dans la phase fluide. 
 
La Figure V-5 présente l’évolution temporelle du «quotient de réaction» pour l’apatite 
et le rhabdophane de néodyme pendant les expériences réalisées à pH 4. Les deux phases sont 
proches de l'équilibre à la fin des expériences. Le rhabdophane de néodyme à presenté une 





Le but de cette étude était de déterminer l’influence des processus de dissolution de 
l’apatite et précipitation de rhabdophane dans des spectres de TR dans les eaux naturelles. La 
présence d’acide fulvique dans les eaux naturelles augmentent la concentration de TR. Malgré 
cette augmentation de TR dans le fluide, le stade de saturation pour le rhabdophane de TR est 
proche de l’équilibre, indépendamment de la composition de fluides. La mesure 
expérimentale montre que l’apatite et le rhabdophane approchent l’équilibre facilement dans 
les systèmes naturels.  
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THE ROLE OF PHOSPHATE MINERALS IN 




This preliminary study quantified the temporal evolution of the absolute concentration 
and distribution of Rare Earth Elements (REE) in aqueous fluids during the dissolution of 
apatite (Ca5(PO4)3F) in the presence and absence of up to 0.01 mol/kg aqueous iron and 
organic acids (fuvic and acetate).  Experiments were preformed in closed-system reactors at 
pH from 4 to 6.  Apatite dissolution rates determined from the temporal Ca concentrations of 
the reactive fluids match closely those in the literature; the presence of fluvic or acetic acids 
do not apparently affect apatite dissolution rates; the presence of Fe decreases apatite 
dissolution rates by only a factor of 2.  Results suggest that the absolute concentration of the 
REE compositions of natural fluids are limited by rhabdophane precipitation; reactive fluid 
compositions appear to be close to rhabdophane equilibrium during apatite dissolution 
experiments.  Further analysis of results are planned to quantify in detail the affect of aqueous 
iron and organic acids on the resulting REE compositional spectra of the reactive fluids. 
 
V-1. Introduction 
A number of past studies have suggested that absolute concentration and distribution of 
Rare Earth Elements (REE) in natural aquatic systems is controlled by the 
dissolution/precipitation rates and the solubility of phosphate minerals (Jonasson et al. 1985; 
Köhler et al. 2003).  The goal of this study is to assess this hypothesis and to characterize this 
process experimentally through a series of well controlled closed system apatite dissolution 
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experiments.  The purpose of this chapter is to describe the results of these experiments and to 
apply them to the improved understanding of the behavior of the REE in natural waters. 
 
One of the most common phosphates in natural environments is apatite. It is a pervasive 
mineral in natural systems and highly reactive. It has been proposed as a controlling phase of 
aqueous phosphate concentration in many natural waters at pHs>7 (Stumm and Morgan 








 and Y= PO4 , 






 (Huminicki and Hawthorne 2002). Apatite may be a major reservoir 
of REE in some environments; therefore, its reactivity and behavior in water will likely affect 
strongly natural REE signatures (Guidry and Mackenzie 2003, Köhler et al. 2003).  
 
There are several studies aimed to understand the rhabdophane co-precipitation  
experiments (Köhler et al. 2003, Byrne and Kim 1993).This study is aimed at characterizing 
the effect of these reactions on natural water REE signatures, and in particular the effect of the 
presence of iron colloids and dissolved organic acids on these signatures.  
 
V-2. Theoretical background 
The standard state adopted in this study for thermodynamic calculation in this study is 
that of unit activity for pure minerals and H2O at any temperature and pressure. For aqueous 
species other than H2O, the standard state is unit activity of the species in a hypothetical 1 
molal solution referenced as infinite dilution at any temperature and pressure. Apatite 
dissolution in the present study is assumed to be consistent with: 
Ca5(PO4)3F = 5 Ca
2+




                                       (1) 
Taking account the standard state, the law of mass action for reaction (1) is given by: 
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aaK                        (4) 
where
apatite
K  stands for the equilibrium constant of reaction (1), and erhabdophanQ  stands 
for the equilibrium constant of reaction (2), and ,
i
a  represents the activity coefficient of the 
subscripted aqueous species.  













−=                                                                          (5) 
where R stands for the gas constant (R=8.3144J/mol), T refers to the temperature (°K), 
and SI represents the saturation index )/(logSI KQ= . All thermodynamic calculations in 
this study were performed using the PHREEQC computer code (Parkhurst, 1998) together 
with its llnl database (Johnson et al., 2000) after adding provision for the formation of Nd-
humic acid complexing according to  “Humic Ion-Binding Model V” (Sonke, 2007). 
 
V-3. Methods and materials 
Natural pegmatite apatite from Paraïba, Brazil was initially crushed with a hammer 
covered by a plastic sheet. Material larger than 200 µm was ground with an agate mortar and 
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pestle and further sieved. The 50–200 µm size fraction was cleaned ultrasonically 10 times 
with alcohol. Scanning Electron Microscope (SEM) images show the resulting powder to be 
essentially free of fine particles. The calcium, phosphate, and fluorine content of this apatite 
were analyzed using an ELAN 6000 ICP-MS after alkaline fusion. The results are shown in 
Table V-1. The measured composition is consistent with the solid being pure apatite and it 
having the ideal chemical formula of Ca5(PO4)3F. The elemental composition of this powder 
was also analyzed with a Camebax microprobe SX50 using 12 different scan spots. The 
apatite powder is homogeneous, and its calcium and phosphate content measured by these two 
different methods are in close agreement. The BET surface area of this initial powder is 1140 
± 10 cm
2
/g, as determined by eight point krypton adsorption using a Micrometrics ASAP 
2010 (Brunauer et al. 1938) 
Ca  P F OH  mCa/mP  mCa/mF 
5.15  3.00  0.90  0.4  1.72  5.72 
 
Table V-1. Average apatite composition based on both microprobe and 
fusion analysis normalized to 3 P 
 
All experiments in this study were performed in closed-system reactors. These 
reactors consisted of acid-washed closed polystyrene vessels. Experiments were initiated by 
placing from 0.5 g of cleaned apatite powder and ~150 ml of initial reactive solution into the 
reactor vessel and sealing the reactors. Experiments lasted up to 2 months.  
All initial solutions were prepared starting from a stock solution comprised of 18 Ω 
Milli-Q grade H2O and 0.01 mol/L NaNO3 prepared by mixing ultra pure NaOH and  HNO3.  
To this stock solution was added fulvic acid as IHSS Suwannee River fulvic acid (SRFA-
1S101F), acetate, or FeOOH. 
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Figure V-1. SEM microphotograph of clean apatite prior to its dissolution (a) and after 
dissolution following experiment at pH 4 in presence of FeOOH (b) 
The composition of each initial reactive solution is presented in Table V-2. The pH of 
the initial reactive solutions was adjusted to 4 and 6 using a dilute NaOH or HNO3.The 
reactors were then placed into a mechanical bath-shaking table held at 25 ± 0.5 °C. Reactor 
fluids were regularly sampled using a syringe and samples were filtered immediately through 
a 0.45µm Millipore Nitrocellulose filter prior to analysis. 
  Fluid 
Exp No composition 
pH 4 pH 6   
#1 #2 NaNO3 
#3 #5 
Fluvic acid (SRFA)  
1mg/kg 
#4 #6 
Fluvic acid (SRFA)  
10 mg/kg 







Fluvic acid (SRFA)  
1mg/kg 
+ 
FeOOH  1 µmol/L 
#10 #12 FeOOH 0.01 µmol/L 
#9 #14 FeOOH 1 µmol/L 
 
Table V-2. Initial fluid composition n all the experiments performed in this study 
 
In all experiments, pH was measured at 25 ºC immediately after sampling using a 
Metrohm 744 pH meter coupled to a Metrohm  Pt1000/B/2 Electrode with a 3 M KCl outer 
filling solution. The electrode was calibrated with NBS standards at pH 4.01, 6.86 and 9.22 
(a) (b) 
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with average error ± 0.05 pH units.  All reactive fluid samples were measured for Ca, REE 
and P.  The calcium concentrations were measured by flame atomic absorption spectroscopy 
using a Perkin Elmer© 5000 with a precision of better than 5%. La(OH)2 solution was 
adjusted to avoid interference with aqueous P. Concentrations of REE, and P were determined 








OH (Poitrasson et al.,2004). Indium and Rhenium were used as internal 
standards. Mass interferences were corrected using the method of (Aries et al., 2000). 
Detection limits for REE are on the order of several ppt and precision is usually better than 
4%. The accuracy of all chemical analysis was checked with international reference water 
samples (SLRS4). 
 
Dissolution rates are generally obtained from the slope of plots of reactive solution 
concentration versus time in according to: (Helgeson et al., 1984, Murphy and Helgeson, 










=                          (8) 
where r refers to the rate, ci stands for the reactive fluid concentration of the ith 
element, t represents time, Mr designates the mass of fluid in the reactor, νi denotes a 
stoichiometric coefficient equal to the number of moles of the ith element present in one mole 
of apatite and S  designates the total mineral surface area present in the reactor calculated 
taking in account the initial mass of apatite and its specific surface area ( strTEB mSS ...= ).  This 
approach, however, ignores provision for 1) changes in the volume of reactive fluid present in 
the reactor during the experiment, 2) effects of reactive solution composition on far-from 
equilibrium rates (Oelkers and Schott, 2001), and 3) effects of the approach to equilibrium on 
overall dissolution rates (Aagaard and Helgeson, 1977, Lasaga, 1981, Aagaard et al., 1982).  
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These three factors are addressed in the present study by regressing measured reactive 


















exp1           (9) 
where r+ symbolizes the far from equilibrium dissolution rate, A refers to the chemical 
affinity of the dissolution reaction, and σ stands for Temkin's average stoichiometric number 
equal to the ratio of the rate of destruction of the activated or precursor complex relative to the 
overall rate.  
The numerical integration of equation 9 is performed using the same reactive fluid 
volume as the experiments which changed with time. During closed-system apatite 
dissolution experiments, reactive fluid Ca concentrations increase continuously with time. 
The parameter r+ controls the slope of the concentration versus time slope at the beginning of 
the experiment, Kapatite controls the final steady-state concentration of the reactor fluid, and σ 
controls the curvature of the reactor fluid concentration from its initial slope to its steady-state 
limit.  This numerical integration was based on the assumption that r+ is independent of 
solution composition in the closed-system experiments (Chairat et al., 2007) but a function of 
reactive solution pH (Valsami-Jones et al., 1998; Guidry and Mackenzie, 2003; Chaïrat et al., 
2007))  
 
V-4. Results and discussion 
The results from all the experiments are listed in Table V-3. The temporal evolution of 
the fluid Ca
2+
 composition are presented in Figure 2. The temporal Ca concentration evolution 
in all experiments was fit using the numerical integration of equation 9 taking explicit account 
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of the decrease in reactive fluid mass during the experiments.  Activity coefficients required 
to compute the chemical affinity (A) in equation 9 were generated using the PHREEQC 
(Parkhurst, 1998).  Regression of the reactive solution compositions measured in this study 
was used to generate the values of r+ and Kapatite listed in Table V-4, also included in this table 
are the final is the apatite surface area, S and the final reactive fluid pH and Kapatite. 
 
 
Table V-4. Summary of the parameters generated using a fit of the numerical integration of 
equation X. In this tables is also summarized the final pH and the surface are (S) of apatite in 
the reactor 
 
The quality of the regression can be gauged with the aid of Figure V-2, were the 
results of numerical integration performed using the parameters in Table V-4 and σ =0.05 or 
0.1 are shown as a curve for Ca. A close correspondence can be seen in these figures between 
the curves and the symbol representing measure reactive solution Ca concentration. This 
dissolution rates are consistent with others in the literature (c.f. Chaïrat et al., 2003, Harouiya 
et al., 2007, Valsami-Jones et al. 1998).  Results indicate that apatite dissolution rate decrease 
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by a factor of ~2 in the presence of iron colloids.  This may be due to precipitation of 
secondary phases as Fe-oxides or amorphous Fe-phosphates on the surface of the dissolving 
apatite, which could lower element release rates and lower reactive surface area (c.f. Cubillas 
et al. 2005).  Similarly, Valsami-Jones et al. (1998) reported that the presence of Pb or Cd in 
solution decreased apatite dissolution by a factor of ~2.  Figure 1b shows the surface of 
apatite following its dissolution in a pH 4 and the presence of FeOOH. Although the apatite 
surface is altered, the identity of this alteration was not possible. The presence of fulvic acid 
seems to accelerate the dissolution rates at pH 4, but have no effect at pH 6; the presence of 
acetate does not affect apatite dissolution rates.  Some previous studies suggest that some 
organic acids increase apatite dissolution rates.  Such was the case for the dissolution of 









V-Fate of REE during apatite dissolution 
 135 
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Figure V-2. Chemical evolution during all the experiments 
 
The REE concentrations in experiments performed at pH 6, were close to detection 
limits. Figure V-3 presents the aqueous Nd evolution during experiments performed at pH 4.  
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Even in those experiments, some concentrations are near to the detection limits. The 
aqueous Nd concentration in presence of iron and acetate does not change the behaviors 
compared to those experiments performed with Fe and acetate free NaNO3 solutions.  
However, the presence of fuvic acid SRFA increases Nd concentration in the reactive fluid; 
Nd concentration in presence of 10 mg/L of SRFA is ~10 times higher than those without 


















5 mg/L SRFA + 1µM FeOOH
Detection Limit for Nd (ICP-MS)
 
Figure V- 3. Change in aqueous neodymium concentration during experiments performed at 
pH 4 for different fluid compositions. 
 
The evolution of the reactive fluid REE concentration spectra during some selected 
experiments is shown in Figure V-4.  The dissolution of apatite in the presence of either fuvic 
acid or aqueous iron leads to the enrichment of heavy REE in the fluid phase.   
 
The temporal evolution of the apatite and Nd-rhabdophane reaction quotients during 
the experiments performed at pH 4 is shown in Figure 5.  Reactive fluids approach saturation 
with respect to apatite during the experiments.  Nd-rhabdophane reaction quotients remain 
close to -24.5, which is close to Nd-rhabodophase equilibrium.  The exact equilibrium state of 
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this rhabdophane will be assessed with further work aimed at reassessing the thermodynamic 
database for the REE phosphates and the affect of solid solutions on rhabdophane solubilities. 
Figure V-4. REEs spectra dissolution during the apatite dissolution at different fluid 
composition at pH 4 NaNO3 0.01 mol/kg and Suwanne river fulvic acid 10 mg/kg (a) and at 




This preliminary study was aimed at determining the effect of coupled apatite 
dissolution/rhabdophane precipitation of the REE spectra of natural waters.  The results of the 
experiments reported above indicate: 
1) Total REE are concentrations in fluids can be enhanced by the presence 
of natural fuvic acid.  
2) Saturation state for Nd-Rhabdophane in the reactive fluids is near to the 
equilibrium. 
3) Taken together all these results, suggest that both apatite and 
rhabdophane approach equilibrium in natural systems and this coupled process controls 
































































NaNO3 0.01 mol/Kg and 
SRFA 10 mg/Kg
(a)
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Further analysis of these results are planned to better quantify the behavior observed 
in these experiments. 
 
Figure V-5. Apatite (a) and Nd-Rhabdophane (b) saturation state as a function of elapsed 
time for the different fluids composition 
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pH 4 NaNO3 0,01 mol/kg SRFA
10 mg/kg
pH 4 NaNO3 0,01 mol/kg SFRA
1 mg/kg
pH 4 NaNO3 0,01 mol/kg
FeOOH 1µM
pH 4 NaNO3 0,01 mol/kg
FeOOH 1µM and SRFA 5 mg/kg
pH 4 HCl 0,1 mmol/kg





















































































#1.1        5 5.55 5.70 1796 5.9 #2.1                     5 6.19 1.48 663 
#1.02 7 5.74 5.77 1811 11.1 #2.2                     7 6.15 1.64 612 
#1.03  15 5.56 8.59 2867 41.0 #2.3                     15 6.23 1.79 832 
#1.04 22 5.14 11.84 3934 9.3 #2.4                     22 6.24 2.20 1013 
#1.05 28 4.98 14.57 4900 20.9 #2.5                     28 6.24 2.33 1112 
#1.06 35 4.62 17.56    #2.6                     35 6.13 2.52 1274 










      #2.8                     56 6.12 2.88 1230 
#3.1            5 5.34 7.25 2247 311.2 #5.1                     5 6.27 1.33 276 
#3.2 7 5.51 7.31    #5.2                     7 6.15 1.46 550 
#3.3 15 5.21 10.18 3160 322.2 #5.3                     15 6.19 1.71 674 
#3.4 22 4.96 12.98 4917 302.2 #5.4                     22 6.24 1.82 791 
#3.5 28 4.60 15.74    #5.5                     28 6.15 1.99 833 
#3.6 35 4.58 17.77    #5.6                     35 6.10 2.33 1164 








 1mg/kg  
  
  
   56 4.39 21.79 7043 140.9 #5.8                   56 6.12 2.58 1067 
#4.1         5 5.18 7.22 2343 457.3 #6.1                     5 6.03 1.33 580 
#4.2 7 5.27 7.46 2313 538.0 #6.2                     7 6.41 1.45 567 
#4.3 15 5.06 10.40 3291 823.3 #6.3       15 6.30 1.89 783 
#4.4 22 4.75 13.13 4196 811.6 #6.4                     22 6.17 2.12 1428 
#4.5 28 4.46 15.39 5153 872.5 #6.5                     28 6.08 2.38 1038 
#4.6 35 4.37 16.67 5756 971.0 #6.6                     35 6.13 2.58 1113 




Fluvic acid  
(SRFA) 
10mg/kg   
  
  
  56 4.34 20.38 7158 823.1 #6.8                     56 6.08 2.84 1213 
#7.1          4 5.39 5.03 1557 8.8 #8.1                     4 6.54 0.98 289 
#7.2 6 5.67 5.20 1628 12.4 #8.2                     6 6.48 1.08 305 
#7.3 14 6.23 9.54 3237 54.8 #8.3                     14 6.47 1.39 429 
#7.4 21 5.14 12.89 4246 15.1 #8.4                     21 6.23 1.76 600 
#7.5 27 4.83 15.16 5295 26.8 #8.5                     27 6.21 2.02 732 
#7.6 34 4.65 18.01 6352 34.0 #8.6                     34 6.20 2.15 804 
#7.7 48 4.62 21.03 7159 30.3 #8.7                     48 6.20 2.43 952 
#7.8 
   
Acetate 




  55 4.46 23.28 8288 91.0 #8.8                     55 6.14 2.70 1038 
#13.4   7 5.12 3.18 581 237.1 #11.4                    7 6.26 0.70 83 
#13.5 14 4.91 5.92    #11.5                    14 6.10 0.94 140 
#13.6 20 4.79 8.92 1625 356.1 #11.6           20 6.13 1.01 188 
#13.7 34 4.71 11.61    #11.7                    34 6.13 1.20 256 
#13.8 41 4.48 13.86 2579 322.3 #11.8                    41 6.19 1.25 263 
#13.9 55 4.42 15.82    #11.9                    55 6.18 1.34 291 










 1 µmol/L  
  70 4.32 19.27 2143 179.9 #11.11                   69 6.03 1.63 366 
#10.3            8 5.85 3.12 305 8.8 #12.4                    7 6.58 0.78 7.2 
#10.4           15 5.08 5.89 929 6.1   14 6.38  27 
#10.5 21 4.98 8.47 1699 14.1 #12.6                    20 6.27 1.38 19 
#10.6 27 4.77 11.09 2368 22.6 #12.7              34 6.31 1.89 75 
#10.7 41 4.80 13.55 3251 19.9 #12.8                    41 6.21 2.09 87 
#10.8 48 4.65 15.97 3920 34.5 #12.9                    55 6.18 2.35 107 











  69 4.43 20.54 5329 53.6 #12.11                   69 6.05 2.78 204 
#9.3              8 5.71 2.71 559 6.4 #14.4                    7 6.19 0.72 101 
#9.4 15 5.14 5.19 1187 25.7 #14.5                    14 6.24 0.82 128 
#9.5 21 5.00 8.11 1951 19.7 #14.6                    20 6.15 0.95 767 
#9.6 27 4.91 10.77 2673 38.1 #14.7                    34 6.13 1.09 215 
#9.7 41 4.81 13.14 3631 39.8 #14.8                    41 6.26 1.21 242 
#9.8 48 4.55 15.47 4795 55.1 #14.9                    55 6.23 1.29 269 






























Résumé en français de la conclusion: 
«Conclusion générale» 
Cette thèse étudie l’interaction des fluides naturelles avec de minéraux phosphate, 
depuis une échelle local jusqu’à ariver à une échelle global. Le cycle du phosphore est 
unique parce qu’il n’y a pas de composant atmosphérique.  Cette thèse étudie le rôle de 
l’interaction entre les minéraux phosphatés et les fluides naturels depuis un point de vu local 
et globale.  L’activité humaine a doublé le flux naturel de phosphore des continents vers 
l’océan. L’augmentation de ce flux est due à l’utilisation de fertilisants  dans l’agriculture. 
 
Comme a été exposé, des faibles solubilités et des grandes vitesses de dissolution et 
précipitation de minéraux phosphate, font possible le contôle des phosphate dans les eaux 
naturelles par des minéraux phosphate. De facon général, dans les systèmes naturelles, en 
conditions acides, la variscite et strengite limitent la concentration de phosphore dissous dans 
les eaux; a pH moyen, environ 7, l’apatite est la phase moins soluble; a pH basique et en 
présence d’ammonium, la struvite et la phase qui contrôle la quantité de phosphore dissous. 
Pendant cette thèse des vitesses de dissolution pour le principal minéraux phosphate ont était 
mesuré. La vitesse de dissolution, normalisée à une surface spécifique constante (BET), 
évolue dans l’ordre suivant: sturvite > fluorapatite > variscite > rhabdophane. Cette vitesse 
dépend de la force des liaisons cation- oxygène assurant le maintien des tétraèdres isolés de 
phosphate dans la structure du minéral. 
 
Cette thèse a montré que les minéraux phosphatés tamponnent la concentration en 
phosphates des eaux naturelles du fait de leur faible solubilité et de leur grande réactivité. 
Pour une même composition des eaux, la phase solide contrôlant la teneur en phosphate 




This thesis describes my efforts over the past three years towards understanding the role 
of mineral-fluid interaction on the behavior of phosphate in the environment from the local to 
the global scale.  The global phosphorous cycle is unique as it has little atmospheric 
component; phosphorous is essentially restricted to solid and liquid phases.  The lack of 
atmospheric phosphorous transport underscores the importance of water-mineral interaction.  
Despite low solubility of phosphate minerals, the global phosphorous cycle is dominated by 
riverne P transport from continents to the oceans both in dissolved and in particulate form. 
Human impact on this cycle has been dramatic. Estimates suggest that human activity has 
roughly doubled P flux to the oceans, mostly through increasing the dissolved inorganic flux 
and flux adsorbed to colloidal particles. Most of the P inputs are due to agriculture 
management through application of fertilizers to soils. The slow uptake of P by crops makes 
phosphate in soils availability very high. This phosphate may arrive to water bodies 
accelerating eutrophication. To minimize P losses to surface waters integration of control in 
both source and transport is need. The diminution of eutrophication in surface waters requires 
a reduction in water P concentration to reach an ecological acceptable level.  It is anticipated 
that the research summarized in this thesis will both aid in the improved understanding of the 
global phosphorus cycle and how to better manage phosphate resources. 
 
As demonstrated in this thesis the low solubility and the sufficiently fast 
precipitation/dissolution rates of phosphate minerals, makes it possible for these minerals to 
buffer phosphate availability in many naturals water. This buffer capacity depends much on 
the water chemistry; therefore, the speciation of phosphate species with other elements in 
water (e.g. organic matter, iron) is essential to understand its behavior. In general at acid 
pH<6 variscite and strengite may limit phosphate availability, at medium pHs>6 apatite is the 
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least soluble species and, at high pHs where ammonium is present, struvite may control this 
availability. 
 
This thesis generated a set of consistent dissolution rates for the major phosphate 
minerals.  These dissolution rates, normalized to a constant BET surface area, follow the 
approximate order sturvite > flouroapatite > variscite > rhabdophane. As it seems likely that 
phosphate tetrehedra pass directly into solution, these rates are controlled by the breaking of 
the metal oxygen bonds holding these tetrehedra together in the mineral structure. Sturvite, 
which is held together by weak hydrogen bonds, is highly reactive. Flouroapatite dissolution 
rates are controlled by the breaking of Ca-O bonds leading to its relatively high reactivity. 
The dissolution rates of variscite and rhabdophane are far lower because these structures are 
held together by relatively unreactive Al-O and REE-O bonds, respectively. Despite the 
relatively low reactivity of the Al and REE phosphates on a constant surface area basis, these 
minerals tend to form small high surface area crystals making it sufficiently reactive to 
control the concentration of aqueous phosphorous in natural waters. 
 
The question remains: What now?  What can have we learned and what new research 
directions can be pursued?  What are the ‘perspectives’ of this thesis?  The research described 
in this thesis demonstrates that mineral-fluid interaction controls the phosphorous 
concentration of natural waters, as well as the concentration of the REE elements that are 
contained in phosphate minerals.  This may be an extremely useful result in terms of 
environmental management.  As phosphate minerals appear to be readily precipitated from 
natural waters, the removal of excess phosphorous could be readily facilitated by the 
precipitation of these phases.  The addition of Al, Fe, or Ca could motivate such precipitation.  
Similarly the dissolution of a phosphate bearing mineral such as apatite could increase 
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aqueous phosphorus concentration provoking the precipitation of phosphate minerals 
containing toxic or radioactive elements.  The precipitation of such minerals could efficiently 
immobilize such environmental hazards. 
 
 Another obvious link is between phosphate availability and the biosphere.  Not only is 
phosphorous essential for life, as the limiting element of growth, but also a major element in 
the formation of skeletons.  On one hand the availability of phosphorous and the ability to 
exploit this availability may have played a large role in evolution.  The improved ability to 
precipitate phosphate minerals may aid in creating artificial bones.  The number of potential 
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Variscite dissolution rates in aqueous solution: does variscite
control the availability of phosphate in acidic natural waters?
T. RONCAL-HERRERO* AND E. H. OELKERS
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ABSTRACT
The dissolution rates of natural well-crystallized variscite (AlPO4.2H2O) were measured from the
evolution of aqueous Al and P concentrations in closed and mixed-flow through reactors at 25ºC and
from 1.5 to 9 pH. Measured dissolution rates decrease with increasing pH from 5.0561016 mol/cm2/s
at pH = 1.51 to 4.9261017 mol/cm2/s at pH = 5.89 and then increase with increasing pH to
1.6461017 mol/cm2/s at pH = 8.99. Estimates of the time required to equilibrate a mildly acidic,
initially Al- and P-free solution with variscite based on measured dissolution rates and solubility
products suggests it takes no more than several weeks to equilibrate this mineral with soil pore fluids.
This result suggests that variscite can buffer aqueous phosphate concentrations in a significant number
of near surface environments.
KEYWORDS: variscite, dissolution rates, phosphate availability, natural waters.
Introduction
PHOSPHORUS is an essential element for life, yet if
its concentration is too large aqueous phosphate
can lead to eutrophication and substantial
environmental damage (Oelkers and Valsami-
Jones, 2008). Knowledge of the dissolution and
precipitation rates of the major phosphate bearing
minerals should help us to better understand and
potentially control the concentrations of phos-
phate in natural waters.
This study focuses on the reactivity of variscite
(AlPO4.2H2O). Thermodynamic calculations indi-
cate that this mineral is the least soluble major
phosphate mineral at 3 < pH < 6 (Stumm and
Morgan, 1986). The purpose of this study is to
measure experimentally variscite dissolution rates
and to use these rates to assess the degree to
which variscite can control aqueous phosphate
availability in acidic natural waters.
Materials and methods
Natural variscite from Colorado, USA, was
initially crushed with a hammer covered by a
plastic sheet. Material larger than 200 mm was
ground with an agate mortar. The 50200 mm
size fractions were cleaned ultrasonically while
submerged in alcohol. Scanning electron micro-
scope (SEM) images show the resulting powder to
be essentially free of fine particles. The identity of
variscite powder was confirmed by X-ray
diffraction (XRD) and its composition was
determined by electron microprobe (EMP) using
10 different scan spots. The variscite has a
chemical composition of 12.58 wt.% Al2O3,
18.09 wt.% P2O3, 6.27 wt.% Fe2O5 and
0.19 wt.% CaO. The specific surface area of this
cleaned powder was 11.72H0.07 m2/g determined
by 11 point nitrogen adsorption using the BET
method (Brunauer et al., 1938).
Closed system reactor experiments
Closed-system experiments were used both to
measure dissolution rates and to confirm the
solubility of the variscite powder. Closed-system
reactors consisted of acid-washed polypropylene
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Nalgene# vessels were filled with ~250 ml of
reactive solutions. Further details of these reactors
are described by Harouiya et al. (2007). The
compositions and pH of inlet solutions are listed
in Table 1. After addition of variscite powder, the
reactors were sealed and placed into a mechanical
bath-shaking table held at 25H0.5ºC. Reactor
fluids were regularly sampled using a syringe
and samples were filtered immediately through a
0.22 mm Millipore1 Nitrocellulose filter prior to
analysis.
Open system reactor experiments
Dissolution rates were also measured in open-
system, mixed-flow reactors consisting of 140 ml
Savillex1 fusion vessels. These reactors were
fitted with Nalgene1 tubes for inlet and outlet
fluid passage. Dissolution experiments were
initiated by placing 1.5 g of variscite powder
into the reactors. The reactors were then filled
with inlet solution. The solution was pumped into
the reactors at a constant rate with Gilson1
peristaltic pumps; all outlet reactive fluids passed
through a 0.22 mm Millipore1 Nitrocellulose
filter before leaving the reactor. Teflon coated
stirring bars were used to mix the powder/fluid
mixture in the reactor. Outlet solutions were
collected regularly for analysis. Further details of
these reactors are described by Chaı¨rat et al.
(2007).
In all experiments, pH was measured at 25ºC
within a few hours of sampling using a
Metrohm# 744 pH meter coupled to a
Metrohm# Pt1000/B/2 electrode with a 3 M
KCl outer filling solution. The electrode was
calibrated with NBS standards. Ortho-phosphate
and Al concentration were determined with a
colorimetric system using heptamolybdate and
ascorbic acid in aqueous H2SO4 (Murphy and
Riley, 1962) and cathecol, hydroxylamine and




Variscite dissolution rates were computed from
equations reported by Harouiya et al. (2007) and
Chaı¨rat et al. (2007) for the closed- and open-
system experiments, respectively. These results
are summarized in Fig. 1. As is the case for
numerous other minerals, variscite dissolution
rates decrease with increasing pH, attaining a
minimum at pH ~6, and increasing with further
increases in pH. Thermodynamic calculations,
performed using PHREEQC (Parkhurst, 1998)
indicate that all reactive solutions were under-
saturated with respect to potential precipitating
phases other than the two experiments performed
at pH ~6, which were supersaturated with respect
to diaspore. Rates obtained from aqueous Al
concentrations are in close agreement with those
obtained from aqueous P concentration with the
exception of two rates measured at pH ~6,
suggesting that diaspore may have indeed
precipitated during these experiments. Note that
as aqueous P could adsorb to the surfaces of
precipitated diaspore at near to neutral conditions
(Georgantas and Grigoropoulou, 2007), diaspore
precipitation could also affect aqueous P during
these experiments.
TABLE 1. Initial fluid composition for closed- and open-system experiments.
pH KHPht HCl NaOH Borax
mol/kg mol/kg mol/kg mol/kg
Closed system
V2-3,0 3.01 0.05 0.022  
V2-4,0 4.04 0.05 0.0001  
V2-5,0 5.03 0.05  0.023 
V2-6,0 5.95 0.051  0.044 
V2-9,0 9.11  0.005  0.013
V2-10,0 5.65    
Open system
Vo5-1,0 2.28  0.005  
Vo5-3,0 1.95  0.01  
Vo5-4,0 1.51  0.013  
350
T. RONCAL-HERRERO AND E. H OELKERS
The role of variscite in controlling phosphate in natural
waters
Results presented above allow assessment of the
potential of variscite to control the availability of
phosphate in mildly acidic natural waters. If a soil
with 30% porosity contained 0.1 vol% variscite of
the same BET surface area as the powder used in
these experiments, it would contain ~9.8 m2 of
variscite surface area for each kg of pore water.
Taking account of the pH 45 dissolution rates in
Fig. 1, it is estimated that it takes ~10 days for an
initially Al- and P-free solution to reach within
90% of its final value in equilibrium with
variscite. This result suggests that variscite
could play a major role in buffering aqueous
phosphate concentrations in many natural envir-
onments.
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FIG. 1. Variscite dissolution rates obtained from open
and closed system experiments. Rates obtained from
aqueous aluminium and phosphate concentrations are
diamonds and squares, respectively. Open symbols
represents rates from open system experiments and
filled symbols represent rates from closed systems. The
error bars correspond to a H25 log unit uncertainty in
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ABSTRACT
A survey of the surface-area-normalized dissolution rates of major phosphate bearing minerals shows
these rates to vary by >8 orders of magnitude with a general dissolution-rate trend sturvite > britholite
~ fluoroapatite > variscite > monazite ~ rhabdophane. This trend reflects the relative strength of the
metal-oxygen bonds holding together the phosphate tetrahedra in the mineral structure. Due to the high
surface-area-normalized reactivity of fluoroapatite, and the high surface area of natural variscite and
rhabdophane, it seems likely that these minerals buffer the concentration of P and the rare-earth
elements in many natural waters. As such, the solubility of these minerals plays a significant role in the
global phosphorus cycle, and may potentially provide clues for future sustainable phosphorus use.
KEYWORDS: phosphate minerals, eutrophication, apatite, global sustainability, dissolution kinetics, precipita-
tion rates.
Introduction
THE global phosphorus cycle is unique as it has
little to no atmospheric component; phosphorus is
essentially restricted to solid and liquid phases.
Moreover as phosphorus is sparingly soluble, its
mobility is limited compared to many other
elements. Despite this small solubility, the
global phosphorus cycle is dominated by riverine
P transport from the continents to the oceans
where it is eventually incorporated into the
sedimentary record via burial. The anthropogenic
impact on this cycle has been dramatic (e.g.
Fillippini, 2008). Estimates suggest that human
activity has roughly doubled P flux to the oceans,
mostly through increasing the dissolved inorganic
flux and flux adsorbed to colloidal particles
(Compton et al., 2000).
The low solubility and mobility of phosphate
somewhat restricts phosphorus ore-forming
processes. As such, although phosphorus is the
11th most abundant element in the lithosphere, it
is a limited resource (Valsami-Jones, 2004). This
poses a potentially great challenge for future
sustainable development as fertilizer, the main
product of phosphate ores, is essential for assuring
adequate global food supplies. Based on estimates
of global population growth and nutritional
demands, Oelkers and Valsami-Jones (2008)
concluded that half of the current global
phosphate resources will be consumed during
the next 60 to 70 years. Such depletion could
trigger a progressive increase in prices, as
extraction and processing costs rise and as
countries holding deposits become conscious of
their value. Decreased agricultural production,
limited by dwindling fertilizer availability, could
have grave consequences for society in the future.
What Oelkers and Valsami-Jones (2008) did
not foresee, however, is how rapidly society
would realize that phosphate rock is a limited
resource. Although phosphate rock remained at
~30D10 US dollars (taken from 1998) from 1920
through 2007, the last 8 months have witnessed an
explosion in global phosphate rock prices; the
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cost of phosphate rock has recently been >200 US
dollars a ton. This increase in raw phosphate
prices has led to a concurrent increase in fertilizer
prices and no doubt contributes to the current
dramatic increase in global food prices.
These recent events highlight the need to better
use our limited global phosphate resources. The
inefficient use of phosphate fertilizers is demon-
strated by the increased number of bodies of
natural waters experiencing eutrophication.
Eutrophication stems from the overabundance of
growth-limiting nutrients in natural waters.
Excess nutrients, including phosphate, promote
blooms of algae and blue-green algae, which in
extreme cases deplete oxygen to the point where
fish and other aquatic animals suffocate.
Eutrophication is becoming more widespread
due to the excess use of phosphate fertilizers,
and inadequate wastewater treatment. It is
estimated that ~J of the lakes in Asia, Europe,
and North America are eutrophic (ILIC,
19881993).
To (1) better constrain the processes controlling
the global phosphorus cycle; and (2) enable the
improved use and conservation of phosphate
resources, we have measured the reactivity of
major phosphate-bearing minerals. The purpose
of this study is to present a summary of the rates
of phosphate mineral dissolution and precipitation
reactions and to use these results to better
constrain the role of phosphate minerals in
natural processes.
The reactivity of phosphate minerals and
relation to natural processes
A significant number of studies have been aimed
at quantifying the dissolution and precipitation
rates of the major phosphate-bearing minerals. A
number of these studies are tabulated in Table 1;
dissolution rates taken from these references are
presented as a function of pH in Fig. 1. Phosphate
mineral dissolution rates vary significantly with
the identity of the mineral. Dissolution rates,
normalized to a constant BET surface area, follow
the approximate order sturvite > britholite ~
fluoroapatite > variscite > monazite. As it seems
likely that phosphate tetrahedra pass directly into
solution, these rates are controlled by the breaking
of the metal oxygen bonds holding these
tetrahedra together in the mineral structure.
Sturvite, which is held together by weak hydrogen
bonds, is highly reactive, accounting for its
widespread presence as a precipitate in waste-
water plants. This high reactivity may also allow
sturvite, obtained from wastewater treatment, to
FIG. 1. Summary of 25ºC far-from-equilibrium dissolu-
tion rates of phosphate bearing minerals as a function of
pH, taken from the references listed in Table 1. Stars,
open circles, filled diamonds, filled squares, and open
triangles represent rates for sturvite, britholite, fluor-
apatite, variscite and monazite, respectively (the curves
are for the aid of the reader).
TABLE 1. Recent studies of the dissolution and precipitation rates of phosphorus-bearing minerals.
Mineral Formula Reference
Britholite Ca9Nd(PO4)5SiO2F2 Chaı¨rat et al. (2006)
Fluoroapatite Ca5(PO4)3F Valsami-Jones et al. (1998); Guidry and McKenzie (2003);
Harouiya et al. (2007); Chaı¨rat et al. (2007)
Monazite (REE,U,Th)PO4 Oelkers and Poitrasson (2002)
Rhabdophane (REE)PO4·nH2O Ko¨hler et al. (2005); Roncal-Herrero et al. (2008)
Sturvite Mg(NH4)PO4·6H2O Golubev et al. (2001); Roncal-Herrero et al. (2008)
Variscite AlPO4·2H2O Roncal-Herrero and Oelkers (2008)
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be recycled for use as fertilizer (Parsons and
Smith, 2008). Fluoroapatite dissolution rates are
controlled by the breaking of CaO bonds
leading to its relatively high reactivity. The
dissolution rates of variscite and monazite are
far smaller because these structures are held
together by relatively unreactive AlO and rare-
earth elements (REE) O bonds, respectively.
The low reactivity of monazite may make it an
excellent potential radioactive waste storage host
(Oelkers and Montel, 2008). Despite the relatively
low reactivity of variscite on a constant surface
area basis, it tends to form small, high-surface-
area crystals which make it sufficiently reactive
on a constant mass basis to control the
concentration of aqueous phosphorus in mildly
acidic natural waters (Roncal-Herrero and
Oelkers, 2008). Observations suggest that like
variscite, rhabdophane, which has a BET-normal-
ized dissolution rate similar to that of monazite,
form small, high-surface-area crystals, making it
sufficiently reactive on a mass-normalized basis
to control the REE concentrations of a large
number of surface waters (Ko¨hler et al., 2005).
Conclusion
A survey of the reactivities of phosphate-bearing
minerals suggest that their dissolution, and in
some cases their precipitation rates, are suffi-
ciently rapid that these minerals can buffer the
concentrations of phosphate and REE in many
natural waters. As such, it seems likely that
aqueous species that can enhance the solubility of
these minerals may play a significant role in
phosphate mobility and the human impact on the
global phosphorus cycle.
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Abstract
Steady-state muscovite dissolution rates have been measured at temperatures from 60 to 201 C and 1 6 pH 6 10.3 as a
function of reactive solution K, Si, and Al concentration. The pegmatitic muscovite used in these experiments has a compo-
sition consistent with (Na0.09,K0.86)Fe0.05Al2.92Si3.05O10(OH1.95,F0.06). All experiments were performed in titanium mixed-
flow reactors. All experiments were performed at far-from-equilibrium conditions with respect to muscovite. All reactive
solutions were undersaturated with respect to secondary product phases other than for some experiments which were super-
saturated with respect to bohemite and diaspore; steady-state dissolution was stoichiometric for all experiments that were
undersaturated with respect to these phases.
The variation of rates with reactive solution composition depends on the solution pH. At pH 6 7 rates were found to
decrease significantly with increasing reactive fluid Al activity but be independent of aqueous SiO2 activity. pH < 7 rates mea-
sured in the present study from 60 to 175 C are consistent with
rþ;K-muscovite;pH<7
ðmol=cm2=sÞ ¼ 10







where r+ refers to the far-from-equilibrium muscovite dissolution rate, R designates the gas constant, T signifies absolute tem-
perature and ai represents the activity of the subscripted aqueous species. In contrast at basic pH muscovite dissolution rates
depend on both reactive fluid Al and Si activity consistent with
rþ;muscovite;150 C;8:5>pH>10:5
mol=cm2=s








These contrasting behaviors suggest a change in dissolution mechanism with pH. At acidic pH rates appear to be controlled
by the breaking of tetrahedral Si–O bonds after adjoining tetrahedral Al have been removed by proton exchange reaction. At
basic pH rates may be controlled by the breaking of octahedral Al–O bonds after adjoining tetrahedral Al and Si have been
removed from the muscovite structure.
 2008 Elsevier Ltd. All rights reserved.
1. INTRODUCTION
The goal of this study is the improved understanding of
reactions occurring at the muscovite–water interface. Reac-
tions at this interface play a role in a number of natural
processes. Muscovite dissolution influences soil water
chemistry (Gerard et al., 2002), provokes illite and smectite
formation in geothermal systems (Giorgetti et al., 2000),
and promotes pressure solution of quartz in sedimentary
basins (Oelkers et al., 1996, 2000; Meyer et al., 2006).
Towards the improved understanding of muscovite surface
0016-7037/$ - see front matter  2008 Elsevier Ltd. All rights reserved.
doi:10.1016/j.gca.2008.01.040
* Corresponding author.
E-mail address: oelkers@lmtg.obs-mip.fr (E.H. Oelkers).
www.elsevier.com/locate/gca
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reactivity, its dissolution rates have been measured as a
function of solution composition and temperature. The
goal of this communication is to report the results of this
experimental study.
Relatively few previous studies have reported experi-
mentally measured muscovite dissolution rates (e.g. Nickel,
1973; Hurd et al., 1979; Lin and Clemency, 1981; Knauss
and Wolery, 1989; Kalinowski and Schweda, 1996). Nickel
(1973) reported the dissolution rates of muscovite at
25 C and pH = 0.2, 3.6, 5.6 and 10 measured in stirred
tank reactors. Lin and Clemency (1981) measured the dis-
solution rates of muscovite at 25 C in a CO2 rich solu-
tion at pH  5 in closed system rectors. Knauss and
Wolery (1989) measured muscovite dissolution rates at
70 C as a function of pH in flow-through reactors. Kali-
nowski and Schweda (1996) reported muscovite dissolu-
tion rates at room temperature and pH = 1.1, 2.0, 3.0
and 4.1 measured in dialysis-cell reactors. These data sug-
gest that rates exhibit a pH variation typical to that of
other aluminosilicates; rates decrease with increasing pH
at acid conditions, minimize at near to neutral pH and
increase with further pH increase at basic pH. Additional
studies have emphasized other aspects of muscovite disso-
lution. Maurice et al. (2002) observed the weathering
of muscovite surfaces buried for 39 days. Dietzel (2000)
observed the degree of Si polymerization during musco-
vite dissolution at pH 3. A summary of these and other
studies relevant to muscovite surface reactivity has been
reviewed by Nagy (1995). This study builds upon this
past work by focusing on the effect of reactive solution
composition and temperature on muscovite dissolution
rates.
2. THEORETICAL CONSIDERATIONS
The standard state adopted in this study is that of unit
activity for pure minerals and H2O at any temperature
and pressure. For aqueous species other than H2O, the
standard state is unit activity of the species in a hypothetical
1 molal solution referenced to infinite dilution at any tem-
perature and pressure. Muscovite dissolution can be repre-
sented by the reaction
KAl3Si3O10ðOHÞ2 þ 10Hþ () Kþ þ 3Alþ3
þ 3SiO2ðaqÞ þ 6H2O ð1Þ
Taking account of the standard state, the law of mass ac-










where KMu stands for the equilibrium constant of reaction
(1), and ai represents the activity of the subscripted aqueous
species. The chemical affinity for reaction (1), AMu, can be
expressed as











where R designates the gas constant, and T signifies abso-
lute temperature All thermodynamic calculations reported
in the present study were calculated using PHREEQC
(Parkhurst and Appelo, 1999) together with its LLNL1
database. As an accurate thermodynamics model for
muscovite solid solutions is not available, thermodymanic
calculations in the present study were made assuming the
dissolution experiments were performed using pure stoichi-
ometric muscovite.
Within the context of Transition State Theory, surface
reaction controlled dissolution rates can be considered to
be the difference between the forward rate (r+) and the
reverse rate (r) such that




Taking account of the law of detailed balancing it can be
shown that Eq. (4) is equivalent to (Aagaard and Helgeson,
1977, 1982; Lasaga, 1981; Helgeson et al., 1984; Murphy
and Helgeson, 1987, 1989; Oelkers, 2001)
r ¼ rþð1 expðA=rRTÞÞ; ð5Þ
where r stands for Temkin’s average stoichiometric number
equal to the ratio of the rate of destruction of the activated
or precursor complex relative to the overall rate. Experi-
mental evidence suggests that the value of r in Eq. (5) is
1 for quartz (Berger et al., 1994) and 3 for the alkali-feld-
spars (Gautier et al., 1994). The form of Eq. (5) is such that
overall rates (r) equal forward rates (r+) when A rRT.
The dissolution rates in the present study were measured
at far-from-equilibrium conditions, such that A r RT.
At these conditions r  r+ and thus r  r+. Dissolution
rates in this study are thus symbolized r+. Such experimen-
tal results can be used to assess the effect of aqueous
solution composition on forward dissolution rates indepen-
dently from the effects of chemical affinity.
Within the formalism of Transition State Theory, r+ is
proportional to the concentration of a rate controlling ‘pre-
cursor’ complex in accord with (Wieland et al., 1988)
rþ ¼ kþs½P	: ð6Þ
k+ inEq. (6) refers to a rate constant, s stands for themineral/
fluid interfacial surface area and [P] designates the concen-
tration of the ‘precursor’ complexwhich itself is proportional
to the concentration of the activated complex. The variation
of r+ with aqueous composition, therefore, can be deduced
from the law ofmass action for the reaction forming the ‘pre-
cursor’ complex from the originalmineral (cf. Oelkers, 2001).
The identity and variation with aqueous solution com-
position of the rate controlling precursor complex P, can
be deduced from a mineral’s dissolution mechanism. The
dissolution mechanisms of multi-oxide minerals have been
demonstrated to consist of the sequential breaking of dis-
tinct metal oxygen bonds via metal-proton exchange reac-
tions (Gautier et al., 1994; Oelkers et al., 1994; Oelkers
1 The database used in the present study has the id: llnl.dat 85
2005-02-02. The data for this database were taken from ‘thermo.
com.V8.R6.230’ prepared by Jim Johnson at Lawrence Livermore
National Laboratory.
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and Schott, 1999, 2001; Oelkers, 2001; Harouiya and Oelkers,
2004; Carroll and Knauss, 2005; Maher et al., 2006; Chaı¨rat
et al., 2007; Dixit and Carroll, 2007; Saldi et al., 2007). The
relative rate at which each bond breaks depends on its rel-





















 !ni !," #
ð7Þ
where Mi designates a metal removed from the mineral to
form the precursor complex, ni stands for the stoichiometric
number of Mi metal atoms that need to be removed to form
one precursor complex, zi denotes the valence of the metal
Mi, and Ki designates the equilibrium constant for the
Mi/proton exchange reaction. In the case where (1) only a
single metal-proton exchange reaction is involved in the for-
mation of the precursor complex and (2) there are relatively










where k0+ denotes the product k+Ki.
The muscovite structure consists of K–O bonds, octahe-
dral and tetrahedral Al–O bonds, and tetrahedral Si–O
bonds. Previous work on K-feldspar (Gautier et al.,
1994), which contains K–O, tetrahedral Al–O, and tetrahe-
dral Si–O bonds, and other alkali feldspars (Oelkers et al.,
1994; Harouiya and Oelkers, 2004), indicates that the K-
feldspar dissolution precursor is formed by an Al-proton







In contrast, results on kaolinite (Oelkers et al., 1994;
Devidal et al., 1997), which contains octahedral Al–O
bonds, and tetrahedral Si–O bonds, indicates that
although Eq. (9) can accurately describe kaolinite dissolu-
tion rates at acid pH, some Si must be removed to create








Note that the hydroxide ion is not explicitly involved in
Eq. (10) describing rates at basic pH. The effect of protons
and hydroxide on dissolution rates within this formalism
occurs through their effect on the thermodynamics of the
Al for proton exchange reaction. As hydroxide forms
strong complexes with aqueous aluminium, both the
amount of Al removed from the muscovite surface
through exchange reactions and dissolution rates calcu-
lated by Eq. (10) will increase with increasing pH at basic
conditions (Oelkers, 1996). The degree to which these
equations and mechanisms apply to muscovite dissolution
will be assessed below.
3. SAMPLE PREPARATION AND EXPERIMENTAL
METHODS
Themuscovite used in the experiments was obtained from
a Madagascar pegmatite. The chemical composition of this
muscovite, as determined from the average of 7 microprobe
measurements, is consistent with (Na0.09,K0.86)Fe0.05Al2.92
Si3.05O10(OH1.95,F0.06). The muscovite was ground with a
coffee grinder then dry sieved to obtain the size fraction be-
tween 50 lm and 100 lm. This muscovite powder was ultra-
sonically cleaned in methanol from 6 to 10 times to remove
fine particles. Subsequently, the powder was dried overnight
at 80 C. The specific surface area of this powder before
experiments was measured by the three point BET method
using Kr gas; its surface area was determined to be
6811 cm2/g. The precision of the measurements was ±10%.
Surface areas of muscovite powders were not measured after
the dissolution experiments. A photomicrograph of this ini-
tial muscovite powder is shown in Fig. 1A. It can be seen that
these grains are clean, and no fine particles are apparent.
All dissolution experiments were performed in titanium
mixed-flow reactors. Application of mixed-flow reactors
to measure mineral dissolution rates has been described in
detail by Dove and Crerar (1990), Berger et al. (1994),
and Oelkers and Schott (1995, 1999). A High Precision/
High Pressure Liquid Chromatography Pump provided
continuous fluid flow ranging from 0.1 to 10 g/min during
the experiments. The precision of the fluid flow rates was
±4 percent. The volume of the titanium reactor was
250 mL. The solution within the reactor was stirred by a
Parr magnetically driven stirrer, the temperature controlled
by a Parr controlled furnace, and elevated pressure was
maintained using a back pressure regulator.
Experiments were performed in series; each experimental
series consisted of several different experiments performed
on a single muscovite powder. At the beginning of each
experimental series the reactor was dismantled at ambient
conditions. A quantity of dry muscovite powder was placed
in the reactor. The reactor was filled with the starting solu-
tion, closed, and placed in the furnace. The temperature,
pressure, and flow and stirring rate were adjusted to desired
settings. Fluid flow rate and outlet solution composition
were measured regularly. Steady-state outlet concentrations
were obtained after an elapsed time ranging from 2 h to 7
days, depending on the fluid flow rate. Steady-state was ver-
ified with a minimum of three constant Si concentration
outlet fluid samples taken obtained over several residence
times.2 When steady-state conditions were confirmed for
any experimental condition, the inlet solution composition,
temperature, pressure, and/or fluid flow rate were changed
to the next desired setting.
The inlet solutions used in this study were comprised of
demineralized H2O plus sufficient quantities of regent grade
KCl, HCl, NH4Cl, NH3 and/or KOH to obtain a 0.01 to
0.02 mol/kg ionic strength solution at the desired pH. Com-
positions of all inlet solutions are listed in Table 1. To as-
sess the effect of dissolved aluminum and silicon on rates
2 The residence time is defined as the reactor volume divided by
the fluid flow rate.
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AlCl3 and H4SiO4, obtained by the dissolution of amor-
phous silica for one week at 90 C, were added to selected
solutions. Aluminum compositions of the outlet fluids were
determined using atomic absorption spectroscopy (Perkin-
Elmer Zeeman 5000); silica compositions were measured
using the Molybdate Blue method (Koroleff, 1976). The
reproducibility of chemical analyses were ±4 percent for
Si and Al concentrations greater than 0.5 and 0.01 ppm,
respectively, but on the order of ±10 percent at lower con-
centrations. Outlet solution pH was measured at 25 C
within a few hours of sampling using a Metrohm 744
pH meter coupled to a Metrohm Pt1000/B/2 electrode
with a 3 MKCl outer filling solution. The electrode was cal-
ibrated with NBS standards at pH 4.01, 6.86 and 9.22 with
an average error less than 0.05 pH units. pH values at ele-
vated temperature were calculated from measured 25 C
Fig. 1. SEM photos of muscovite surfaces: (A) prior to dissolution experiments, (B) after dissolution during experimental series 99-1, and (C)
after dissolution during experimental series 99-3 (see text).
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solution chemistry data using PHREEQC. Aqueous Fe,
Na, K and NH4 concentrations of the outlet fluids were
not determined.
4. EXPERIMENTAL RESULTS
Photomicrographs of the muscovite surfaces after their
dissolution during experimental series 99-1 and 99-3 can
be seen in Fig. 1B and C. Muscovite grains following their
dissolution appear have been rounded; sharp edges along
the basal plane are not apparent on the grains shown in
Fig. 1B. Secondary minerals are apparent on the surfaces
of mica grains following their dissolution during experi-
mental series 99-3 as seen in Fig. 1C. The reactive solutions
during experimental series 99-3 were supersaturated, at
times, with respect to the Al-hydroxide phases, bohemite
and diaspore. The relative Si versus Al release rate suggests
that some Al-hydroxide phase precipitated during experi-
mental series 99-3. The lack of dissolution features (e.g.
etch pits) on the basal planes and the apparent corrosion
of the edge surfaces suggests that the later surface reacted
far faster than the former. A number of previous studies re-
ported that sheet silicate edge dissolution is substantially
faster than that of the basal surfaces (e.g. Turpault and
Trotignon, 1994; Bickmore et al., 2001).
Dissolution in all experiments was allowed to evolve to a
steady-state. A representative example of the temporal evo-
lution of solution composition during a muscovite dissolu-
tion experiment performed at pH = 9 and 150 C are
illustrated in Fig. 2. This experiment was performed at the
beginning of an experimental series so that the reactor fluid
was Al- and Si-free prior to the start of the experiment. The
flow rate of this experiment was 0.49 g/min such that the res-
idence time was 500 min. Al is released slightly faster than Si
at the onset; but the Al concentration in the reactive fluids is
slightly lower than that of Si at steady-state consistent with
the stoichiometric dissolution of the muscovite. Both Al and
Si are released at a relatively fast rate at the beginning of the
experiment and both concentrations decrease systematically
attaining a steady-state after2000 min. Constant Al and Si
concentrations are then observed to persist over the next
3000 min.
The difference between inlet and outlet Al concentration
for all steady-state experiments is depicted as a function of
the corresponding change in Si concentration in Fig. 3. The
dashed line in this figure corresponds to the Al/Si ratio of
the dissolving muscovite. All experiments that were per-
formed in solutions that were undersaturated with respect
to Al-hydroxide phases exhibited stoichiometric dissolu-
tion. In contrast, many experiments performed in solutions
that were supersaturated with respect to these phases exhib-
ited non-stoichiometric Al/Si release. Some of these exper-
iments exhibited preferential Si release most likely due to
Al-hydroxide precipitation (see Fig. 1C). Although second-
ary phase precipitation can slow dissolution rates, such only
seems to occur when the precipitate has a similar structure
to and completely covers the dissolving mineral (Cubillas
Table 1
Compositions of inlet solutions used in the present study
pH (150 C) HCl (mol/kg) KCl (mol/kg) NH4Cl(mol/kg) NH3 (mol/kg) KOH (mol/kg)
1.01 19.9525 0.01 — — —
2.0 0.0118 0.01 — — —
2.0a 0.011 — — — —
2.5 1.995 0.01 — — —
3.35 0.0008 — — — —
4.20 0.0002 — .0099 — —
4.29 6 
 106 — — — —
4.34 — — — — —
4.43 — — 0.0095 0.00011 —
5.39 — — 0.00653 0.005 —
5.83 — — 0.00399 0.00353 —
6.53 — — 0.00406 .00618 —
6.77 — — 0.00402 0.0084 —
9.0b — 0.0072 — — 0.0028
10 — — — — 0.0304
a This solution was used for experiments performed at various temperatures as described in Table 2.





















Fig. 2. Temporal evolution of the reactive fluid Al and Si
concentration during experiment 99-1-12. The open circles and
filled squares represent measured Al and Si concentrations,
respectively, whereas the line corresponds to the steady-state
concentrations.
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et al., 2005; Hodson, 2003), which us not the case in the
present study. A few experiments performed in Al-rich inlet
solutions, that were also supersaturated with respect to dia-
spore exhibited what appears to be a preferential Al release.
It seems likely that this observation stems from analytical
uncertainties related to measuring elevated aqueous Al con-
centrations. For example, experiment 99-2-31 was per-
formed using an inlet solution containing 7 
 104 mol/kg
Al. The uncertainty in the aqueous Al concentration mea-
surement in this fluid was greater than the total aqueous
Si concentration of the outlet fluid.
Steady-state dissolution rates (r+) were computed from




where Dmi stands for the difference between the inlet and
outlet fluid concentration of the subscripted metal, F repre-
sents the fluid flow rate, s denotes the total muscovite sur-
face area present in the reactor and mi refers to the
number of moles of the ith metal in one mole of muscovite.
Resulting dissolution rates, together with inlet and outlet
total aluminum and silica concentrations, and computed
solution pH and chemical affinities for all experiments are
listed in Tables 2–6. The surface areas used to calculate
these rates were those measured from nitrogen adsorption
using the B.E.T. method on the unreacted muscovite pow-
der. Rates reported in this study are, therefore, given in
units of moles of muscovite released per cm2 of initial sur-
face area per second. All experiments were performed in
solutions that were strongly undersaturated with respect
to muscovite; the chemical affinities for muscovite dissolu-
tion, consistent with reaction (1), were in excess of 4.5 kJ/
mol for all experiments. At these conditions the measured
dissolution rates (r) are equal to the far-from-equilibrium
dissolution rates (r+). To assess the potential effects of
surface area evolution during the experiments on computed
dissolution rates, at least one set of experimental conditions
(solution composition, fluid flow rate, temperature) was
repeated runs during each experimental series. The repeated
runs produced rates that were within 15 percent of those
originally measured.
Uncertainties associated with the rates reported in
Tables 2–6 arise from a variety of sources, including the
measurement of aqueous solution concentrations, fluid flow
rates, and mineral surface areas. The uncertainties in the
measured values of the total aqueous silica and aluminum
concentration are on the order of ±4 percent or less.
Computational and experimental uncertainty in the pH of
these solutions is on the order of ±0.1 pH units. Uncertain-
ties in fluid flow rate measurements are not more than 4
percent. In contrast, the uncertainty associated with the
measurement of the surface area of the muscovite powder
is ±10 percent. In addition the mineral surface area likely
changed somewhat over the duration of each experiment.
To assess the temporal effects of changing mineral surface
areas on the resulting dissolution rates, one of the final fluid
flow rates for several of the mineral samples of a single fluid
composition was set approximately equal to the first. The
differences in the resulting fluid concentrations were on
the order of 15 percent or less. Because the uncertainties
associated with the resulting muscovite dissolution rates
are directly proportional to the uncertainties in the fluid
concentrations and the mineral surface areas, the overall
uncertainties in these rates should be on the order of
±20 percent. Nevertheless, the distribution of data points
on the figures presented below suggest that the relative
uncertainties of the rates obtained from the various exper-
iments preformed in this study may be somewhat higher.
As such error bars of ±0.2 log units have been chosen to
represent the uncertainties in these figures.
Far-from-equilibrium aluminosilicate dissolution rates
have been traditionally interpreted to be a function of pH
but independent of the aqueous concentrations of the met-
als present in the mineral itself (e.g. Knauss and Wolery,
1986, 1989; Murphy and Helgeson, 1987, 1989). All musco-
vite steady-state dissolution rates measured at 150 C in the
present study are illustrated as a function of pH in Fig. 4.
Dissolution rates vary as a function of pH, but also vary
at constant pH where the concentrations of Al and Si have
been changed in the reactive fluid. It can be seen that the
range in muscovite dissolution rates measured at pH 9
exceeds the total range of rates measured at all the other
pH, which varied from 1 6 pH 6 10, in the present study.
This observation illustrates that the effect of changing Al
and/or Si concentration can, at some conditions, be more
significant than the effect of changing pH on rates.
The origin of the observedmuscovite dissolution rate var-
iation at pH 2 can be assessed with the aid of Fig. 5. The log-
arithm of all measured 150 C, pH 2 muscovite dissolution
rates plot as a linear function of the corresponding logarithm
of aqueous aluminum activity. This observation is itself
consistent with Eq. (9) and thatmuscovite dissolution at acid
pH is controlled by the destruction of a precursor complex
formed by Al-proton exchange reactions. The degree
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Fig. 3. The difference between inlet and outlet solution Si
concentration as a function of the corresponding difference
between inlet and outlet solution Al concentration. The symbols
represent measured solution compositions; filled and open symbols
correspond to experiments performed in solutions that were
undersaturated and supersaturated, respectively, with respect to
diaspore. The dashed line corresponds to the Al/Si ratio of the
dissolving muscovite.
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dissolution rates at other pH values can be assessed with
Fig. 6, which presents the logarithmic analogue of Eq. (9)
for all 150 C rates measured in this study. Rates at pH > 7
are consistent with both Eq. (9) and rates measured at pH

















where the uncertainties on the fit parameters represent 95%
confidence intervals. In contrast, it can be seen that rates
measured at higher pH are inconsistent with this equation
and exhibit a scattered distribution as a function of log
ða3
Hþ=aAl3þÞ.
The variation of measured 150 C, pH 9 muscovite dis-
solution rates as a function of the activity of aqueous Al
and aqueous Si are illustrated in Fig. 7. pH 9 rates exhibit
a scattered behavior as a function of aqueous Al activity.
The logarithms of muscovite dissolution rates measured
during experiments having a constant inlet Al concentra-
tion appear to decrease systematically with increasing loga-
rithm of the aqueous Si activity of the reactive solution, but
increasing Al activity of the inlet solution also appears to
decrease rates. These observations suggest that muscovite
dissolution rates at basic conditions depend on both reac-
tive fluid aqueous Al and Si activities. Regression calcula-
tions performed using Eq. (10) suggests that the value of
nAl at pH 9 is identical, within uncertainty at that found







are plotted as a function the logarithm of the
corresponding reactive solution aqueous Si activity in








Muscovite rates obtained in the present study at pH 10 and
150 C also fall on the same regression curve as that
Table 2
Measured steady-state muscovite dissolution rates in a 0.011 mol/kg HCl solution at temperatures from 60 to 175 C
Exp. Temp.
(C)

















M1-89 60 0.49 0.77 0.73 1.05 0.29 51.03 6.53
M1-76 80 0.48 1.16 1.66 0.70 0.66 47.09 6.35
M1-58 100 0.29 10.04 11.01 0.91 2.59 35.76 5.45
M1-41 125 0.29 26.70 29.50 0.91 6.99 28.44 5.10
M1-22 150 0.30 38.30 43.20 0.89 10.68 19.79 5.09
M1-101 150 0.30 41.50 42.50 0.98 10.49 19.63 5.06
M1-115 175 0.30 41.30a 74.60 0.55 18.37 20.82 5.33
All inlet solutions were Al-, Si- and K-free. The pH of all reactive solutions was calculated to be 2 ± 0.03. Experiments were performed using
1.0016 g of muscovite powder—see text.
a Distribution of species calculations indicate that the reactive solutions in this experiment was supersaturated with respect to diaspore, the
least soluble Al-hydroxide phase at this temperature.
Table 3
























99-3-07 0.10 0 0 59.34 60.12 0.99 81.17 17.81 5.02
99-3-12 0.26 0 0 22.03 24.60 0.90 90.07 22.64 5.44
99-3-14 0.80 0 0 13.17 11.90 1.11 131.90 25.77 5.67
99-3-15 1.43 0 0 7.00 7.94 0.88 157.97 28.41 5.94
99-3-16 2.15 0 0 4.93 5.56 0.89 166.49 30.19 6.09
99-3-18 0.41 0 0 18.46 17.46 1.06 100.62 23.95 5.52
99-3-20 0.44 200 0 169.21a 6.35 4.85 38.44 20.66 4.57
99-3-23 0.43 0 0 17.95 19.35 0.93 116.60 23.78 5.53
99-3-26 0.43 100 0 121.82a 8.93 2.44 53.19 20.80 4.71
99-3-30 0.21 100 0 115.72a 16.37 0.96 46.71 19.34 4.73
99-3-37 0.20 0 0 32.26 34.97 0.92 96.87 20.78 5.28
99-3-47 0.46 0 0 8.65 14.61 0.59 93.55 26.33 5.85
99-3-51 0.41 0 48.7 9.50 66.56 0.53 101.92 22.27 5.81
99-3-55 0.41 0 16.2 9.11 32.47 0.56 91.71 24.19 5.83
99-3-59 0.43 0 0 11.75 14.61 0.80 87.61 25.56 5.72
99-3-77 0.13 0 0 31.72 33.93 0.93 63.28 20.89 5.29
Experiments were performed using 0.586 g of muscovite powder—see text.
a Distribution of species calculations indicate that the reactive solutions in these experiments were supersaturated with respect to diaspore,
the least soluble Al-hydroxide phase at these temperatures.
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obtained for the pH 9 data suggesting Eq. (13) is applicable
over a significant pH range.
The variation of mineral dissolution rate constants with
temperature is commonly described using a form of the
empirical Arrhenius equation given by





Combining Eq. (14) with Eq. (12) leads to






which allows description of muscovite dissolution rates at
acidic conditions as a function of both solution composi-
tion and temperature. Regression of experimental data to
Eq. (15) was performed with the aid of Fig. 9A, where val-







as a function of 1000/T. The linear curve drawn through the
data in this figure is consistent with EA = 58.2 kJ/mol and
AA = 2.95 
 107 mol/cm2/s. The 95% confidence interval
on this activation energy is ±4 kJ/mol. Similarly combining
Eq. (14) with Eq. (13) yields







which allows description of muscovite dissolution rates at
basic conditions as a function of both solution composition
and temperature. Regression of experimental data to Eq.
(16) was performed with the aid of Fig. 9B, where values







ted as a function of 1000/T. The linear curve drawn through
the data in this figure is consistent with EA = 89.1 kJ/mol
and AA = 6.38 
 1010 mol/cm2/s. The 95% confidence
interval on this activation energy is ±7 kJ/mol.
Comparisons between measured pH < 7 rates and those
calculated using Eq. (15), nAl = 0.5, with EA = 58.2 kJ/mol
and AA = 2.95 
 107 mol/cm2/s are illustrated in Fig. 10.
The average difference between the logarithm of calculated
and measured pH < 7 rates is 0.14. This difference exceeds
0.25 for only 5 of the 38 data points. Comparisons between
measured pH > 8.5 rates and those calculated using Eq.
(16) with EA = 89.1 kJ/mol and AA = 6.38 
 1010 mol/
cm2/s are also illustrated in Fig. 10. The average difference
between the logarithm of calculated and measured pH > 7
rates is 0.11. This difference exceeds 0.25 for only 2 of the
46 data points. It can also be seen in this figure that these
equations fit equally well experiments performed in experi-
ments that were undersaturated and supersaturated with re-
spect to diaspore, further suggesting that the precipitation
of this phase during the experiments negligibly effected
rates.
5. DISCUSSION
The muscovite dissolution rates presented above exhibit
two distinct behaviors. At acidic conditions rates are observed
to decrease with increasing aqueous Al concentration and
Table 4


















99-3-43 0.59 0.41 1.01 294.12 230.52 1.28 1299.52 31.66 4.60
99-3-66 0.59 0.13 3.22 0.40a 8.93 0.04 16.16 19.93 7.87
99-3-72 0.59 0.14 2.50 6.13a 16.07 0.38 30.42 18.36 6.19
M1-12 1.04 0.29 2.05 40.10 52.87 0.76 120.52 22.93 5.08
M9-8 0.91 0.29 3.25 0.90a 11.75 0.08 30.05 20.49 7.82
M8-8 0.97 0.29 4.20 bdb 10.49 25.08 22.67c 11.26c
M7-7 0.97 0.31 4.29 bdb 10.21 26.19 22.52c 11.53c
M6-7 0.97 0.29 4.34 bdb 10.98 26.23 22.27c 11.67c
M5-10 1.02 0.28 4.43 bdb 12.43 27.82 21.59c 11.96c
M4-10 1.00 0.31 5.39 0.29a 7.32 0.04 18.24 20.45 14.64
M3-10 1.00 0.30 6.53 4.03a 10.51 0.38 25.57 16.07 17.90
M11-8 0.91 0.27 6.77 5.31a 8.85 0.60 21.41 17.02 18.74
M10-8 0.91 0.27 5.86 1.05a 5.41 0.19 12.91 19.38 15.86
02-02 1.16 0.28 10.0 44.20 46.30 0.95 89.87 19.83 30.78
02-07 1.16 0.56 10.0 30.20 33.00 0.92 128.81 21.63 30.94
02-09 1.16 1.13 10.0 19.50 18.94 1.03 149.58 24.17 31.13
02-11 1.16 0.84 10.0 19.80 23.00 0.86 134.90 23.64 31.13
02-13 1.16 2.22 10.0 9.80 12.40 0.79 192.73 26.97 31.43
02-16 1.16 0.17 10.0 44.40 48.40 0.92 56.30 19.71 30.77
All inlet solutions were Al- and-Si free; the composition of these solutions is given in Table 1. Solution pH at 150 C was calculated from pH
measurements at 25 C together with species distribution calculations—see text.
a Distribution of species calculations indicate that the reactive solutions in these experiments were supersaturated with respect to diaspore,
the least soluble Al-hydroxide phase at this temperature.
b Below detection limit.
c Calculated assuming the outlet solution was saturated with respect to diaspore.
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Table 5































99-1-12 3.14 0.69 0 0 12.2 13.4 0.91 23.88 17.18 27.29
99-1-15 3.14 0.21 0 0 20.1 21.3 0.94 11.54 14.85 27.07
99-1-19 3.14 0.09 0 0 30.4 28.1 1.08 6.28 13.17 26.88
99-1-21 3.14 0.69 0 0 12.2 12.1 1.01 21.59 17.43 27.29
99-1-24 3.14 0.43 0 0 14.2 15.3 0.93 17.24 16.49 27.23
99-1-25 3.14 3.13 0 0 5.5 6.4 0.86 51.75 20.90 27.65
99-1-27 3.14 0.15 0 0 22.9 22.3 1.03 8.61 14.43 27.01
99-1-30 3.14 0.08 0 0 34.5 34.8 0.99 6.89 15.90 27.19
99-1-35 3.14 0.27 0 0 15.5 17.9 0.87 12.75 17.40 27.30
99-1-37 3.14 0.58 0 0 12.0 12.5 0.96 18.94 19.28 27.50
99-1-38 3.14 1.48 0 0 7.7 8.9 0.87 34.10 17.69 27.36
99-1-40 3.14 0.29 0 0 10.6 12.5 0.85 9.27 14.22 27.03
99-2-03 6.92 0.21 0 0 21.8 25.4 0.86 6.20 14.22 26.56
99-2-11 6.92 0.07 0 0 43.4 41.1 1.06 3.41 11.38 26.71
99-2-16 6.92 0.02 0 0 61.0 73.2 0.83 1.47 9.13 26.54
99-2-18 6.92 0.51 0 0 21.7 16.6 1.31 9.98 15.28 27.04
99-2-20 6.92 2.21 0 0 17.9 8.9 2.00 23.20 17.23 27.13
99-2-24 6.92 0.22 0 0 28.4 23.2 1.22 5.93 13.80 26.91
99-2-26 6.92 0.24 100 0 114.0 16.2 0.86 4.58 11.24 26.26
99-2-28 6.92 0.10 100 0 123.0 27.6 0.83 3.19 9.76 26.21
99-2-31 6.92 0.48 700 0 722a 4.9 4.49 2.77 8.91 25.01
99-2-33 6.92 0.20 700 0 730a 9.2 3.26 2.17 7.36 25.00
99-2-36 6.92 0.36 0 208.5 5.6 212.0 1.60 1.47 12.29 27.56
99-2-44 6.92 0.20 0 208.5 4.8 213.3 1.00 1.14 12.64 27.63
99-2-54 6.92 0.20 0 296 3.6 299.0 1.20 0.71 12.47 27.72
99-2-60 6.92 0.74 0 93.7 4.1 98.0 0.95 3.60 14.98 27.74
99-2-62 6.92 1.93 0 93.7 2.1 95.0 1.58 4.76 16.66 28.03
99-2-64 6.92 0.98 0 0 8.3 12.8 0.65 14.85 18.23 27.46
99-2-67 6.92 0.36 0 0 13.7 20.4 0.67 8.54 15.88 27.24
99-2-68 6.92 1.11 80 0 85.0 6.6 0.75 8.69 14.13 26.41
99-2-70 6.92 0.46 80 0 92.0 11.4 1.05 6.20 12.62 26.37
99-2-71 6.92 0.47 500 0 450a 6.8 7.31 3.78 9.61 25.43
99-2-72 6.92 0.96 500 0 552a 4.1 12.75 4.62 10.24 25.27
99-2-75 6.92 0.34 500 44.6 526a 46.6 13.00 0.79 4.50 25.29
99-2-78 6.92 0.37 500 24.1 514a 26.8 5.19 1.19 5.90 25.32
99-2-83 6.92 0.18 500 24.1 509a 29.5 1.67 1.16 5.70 25.32
99-2-87 6.92 0.38 500 10.7 515a 15.2 3.33 2.03 7.27 25.32
99-1-12 3.14 0.69 0 0 12.2 13.4 0.91 23.88 17.18 27.29
Inlet solutions were comprised of 0.0072 mol/kg KCl + 0.0028 mol/kg KOH. Al and Si were added to some of these inlet solutions as aqueous
AlCl3 and SiO2, respectively. Solution pH at 150 C was calculated from pH measurements at 25 C together with species distribution
calculations—see text.
a Distribution of species calculations indicate that the reactive solutions in these experiments were supersaturated with respect to diaspore,
the least soluble Al-hydroxide phase at this temperature.
Table 6




















M08-5 65 0.248 10.31 0.198 0.207 0.95 0.048 25.80 28.94 7.59
M08-9 90 0.243 9.79 0.338 0.428 0.79 0.096 22.66 28.00 6.68
M08-11 122 0.227 9.31 2.57 3.61 0.71 0.760 21.86 27.69 6.00
M08-17 150 0.498 9.0 7.12 8.32 0.86 3.84 20.60 27.53 5.50
M08-14 175 0.488 8.8 26.0 23.0 1.13 10.40 17.23 27.36 4.96
M08-16 201 0.481 8.66 47.6 43.7 1.09 19.48 15.95 27.60 4.56
Inlet solutions were Al- and Si-free, and comprised of 0.0072 mol/kg KCl + 0.0028 KOH. Solution pH at the experimental temperatures were
calculated from pH measurements at 25 C together with species distribution calculations—see text.
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increasing pH consistent with rþ ¼ k0þ a3Hþ=aAl3þ
 0:5
. This
behavior is consistent with muscovite dissolution rates being
controlled by a precursor complex formed by the removal of
Al from the muscovite structure by proton exchange reac-
tions. The exponent of 0.5 suggests that two precursor com-
plexes are formed by the removal of each Al from the
muscovite surface. At basic conditions, rates are observed
to decrease with both increasing reactive fluid Al and Si
activity consistent with rþ ¼ k0þ a3Hþ=aAl3þ
 0:5
aSiO2ð Þ1. This
behavior is consistent with muscovite dissolution rates at
basic pH being controlled by a precursor complex formed
by the removal of Al and Si from the muscovite structure,
and that that two precursor complexes are formed by the re-
moval of one Al and two Si from the muscovite surface.
Note that the overall rate of muscovite dissolution cannot
be described by the simple sum of the acidic and basic rate
equations (Eqs. (15) and (16)). The additional term present
in the high pH muscovite rate equation is effectively an
aqueous SiO2 inhibition term. As such, and as can be de-
duced from Fig. 6, the use of the sum of either Eqs. (12)
and (13) or Eqs. (15) and (16), to calculate rates will lead
to a large overestimate of muscovite dissolution rates at ba-
sic conditions.
Some insight into the origin of this behavior may be
gained from consideration of the dissolution mechanism of
other silicate minerals. The dissolution rates of minerals
and glasses containing tetrahedral Al and tetrahedral Si in
their structures including alkali feldspars (Oelkers et al.,
1994;Gautier et al., 1994;Harouiya andOelkers, 2004; Carroll
and Knauss, 2005), basaltic glass (Oelkers and Gislason,
2001; Gislason andOelkers, 2003), and other aluminosilicate
glasses (Wolff-Boenisch et al., 2004a,b) have been found to be
controlled by precursor complexes formed by Al for proton
exchange reactions at both acid and basic pH. In contrast,
minerals that contain octahedralAl in addition to tetrahedral
Si in their structures including kaolinite (Devidal et al., 1997),
muscovite (this study) and smectite (Cama et al., 2000) have
dissolution rates that are controlled by precursor complexes
formed by Al for proton exchange reactions only at acid pH.
At basic pH the dissolution rates of these minerals become
dependent on aqueous Si concentration in addition to
aqueous Al concentration. This difference may stem from
the relative rates of breaking octahedral Al–O bonds




















Fig. 4. Variation of the logarithm of steady-state muscovite
dissolution rates at 150 C as a function of pH. The filled and
open circles represent rates measured in solutions that were
undersaturated and supersaturated with respect to diaspore,
respectively. The error bars correspond to a ±0.2 log unit estimated
uncertainty of these data.

















Fig. 5. Variation of the logarithm of steady-state muscovite
dissolution rates at pH = 2 and 150 C with the logarithm of
aqueous Al activity. The symbols correspond to experimental data
reported in Table 2. Filled circles, open circles, and filled squares
represent rates measured in Al- and Si-free, Si-bearing, and Al-
bearing inlet solutions, respectively. The error bars surrounding
these symbols correspond to a ±0.2 log unit estimated uncertainty
of these data. The linear curve represents a least squares fit of the
data; the equation and coefficient of determination (R2) of this
curve are given in the figure.

















Log (a 3H+/aAl3+) 
21
Fig. 6. Variation of the logarithm of steady-state muscovite
dissolution rates at 150 C with the corresponding logarithm of
a3
Hþ=aAl3þ . The symbols correspond to experimental data reported
in Tables 2 and 3. Filled circles, open circles and the symbol x
represent data obtained at pH = 2, pH < 7 but pH 6¼ 2, and
pHP 9, respectively. Error bars correspond to a ±0.2 log unit
estimated uncertainty of these data. The linear curve represents a fit
of the data measured at pH < 7; the equation and coefficient of
determination (R2) of this curve are given in the figure. Aqueous
aluminum activities for which aluminum concentrations were
under the analytical detection limit were calculated assuming the
solutions were in equilibrium with respect to diaspore.
Muscovite dissolution kinetics 4957
aluminum (oxy)hydroxide dissolution rates at 25 C is shown
in Fig. 11. Quartz rates are slower at acid conditions, consis-
tent with rates of breaking tetrahedral Si–O bonds > octahe-
dral Al–O bonds, but the inverse appears to be true at basic
pH, at least at this low temperature. As octahedral Al–O
bonds may be the slowest to break at basic conditions,
muscovite dissolutionmay require the removal of both tetra-
hedral Al and tetrahedral Si to form an Al-octahedral-rich
precursor complex. In contrast, the fact that dissolution of
minerals and glasses that contain only tetrahedral Al and Si
follow a single mechanism at acid and basic pH suggests that
tetrahedral Al–O bonds break faster than tetrahedral Si–O
bonds as at all pH (cf. Oelkers, 2001).
The observations presented above may also present in-
sight into the dissolution behavior of other sheet silicate
minerals and in particular illite. Illite has a similar struc-
ture and composition to muscovite. The variation of solu-
tion compositions during closed-system illite dissolution
experiments at basic pH indicates that the sum jnAlj+nSi
in Eq. (10) should range from 1 to 2 (Ko¨hler et al.,
2003), which compares with the sum of 1.5 found from
the regression of muscovite dissolution data obtained in
the present study. Illite and other aluminosilicate clay
mineral dissolution rates vary similarly with pH in most
reported studies (Carroll and Walther, 1990; Knauss and
Wolery, 1989; Huertas et al., 1999; Ko¨hler et al., 2003,
2005). As the removal of Si from these surfaces involves
no net proton consumption, results presented above sug-
gest that the pH variation of the dissolution rates of all
of these minerals stems from the effect of the aluminum
for proton exchange reactions; the characteristic syncline
shape of rate versus pH plots stem from the effect of




Oelkers, 2001). Moreover, it seems likely that the presence
of other dissolved aqueous species including aqueous
organic species on clay and sheet mineral dissolution rates
can be estimated through consideration of their ability to
make complexes with aqueous Al and Si (cf. Oelkers and
Schott, 1998).
6. CONCLUSIONS
Constant pH muscovite dissolution rates measured in
the present study have been found to be strong functions
of aqueous Al and Si concentration. The effect of these con-
centrations on rates may at some conditions be more signif-
icant that the effect of pH on these rates. Among the
consequences of the strong decrease of muscovite rates with







































Fig. 7. Variation of the logarithm of steady-state muscovite
dissolution rates at pH = 9 and 150 C, as reported in Table 5
with the logarithm of (A) aqueous Al3+ activity, and (B) aqueous
SiO2 activity. The filled squares, open circles, open triangles, the
symbol x, and open diamonds correspond to rates measured in Al-
and Si-free inlet solutions, Si-bearing inlet solutions, inlet solutions
containing 1 
 104, 5 
 104 and 7 
 104 mol/kg Al, respec-
tively. The error bars correspond to a ±0.2 log unit estimated


































performed at pHP 9 and 150 C as a function of the activity of
aqueous SiO2 in the corresponding reactive fluid. The filled circles
represent rates measured in pH 10 solutions. All other rates were
measured at pH 9; the filled squares, open circles, open triangles,
the symbol x, and open diamonds correspond to rates measured
Al- and Si-free inlet solutions, Si-bearing inlet solutions, inlet
solutions containing 1 
 104, 5 
 104 and 7 
 104 mol/kg Al,
respectively. The error bars correspond to a ±0.2 log unit
estimated uncertainty of these data. The linear curve represents a
least squares fit of the data; the equation and coefficient of
determination (R2) of this curve are given in the figure.
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(1) muscovite dissolution rates will appear to depend on
chemical affinity at far-from-equilibrium conditions,
(2) muscovite dissolution rates will never attain a steady-
state in closed-system reactors except at equilibrium
(cf. Oelkers et al., 2001), and
(3) any aqueous anion which tends to complex Si or Al
in solution (such as organic acids at mildly acidic
conditions) will increase muscovite dissolution rates
(cf. Harouiya and Oelkers, 2004).
Because of the strong effect of aqueous Si on its dissolu-
tion rates, muscovite dissolution will be far slower in sedi-
mentary basins than many other aluminosilicate minerals,
such as the alkali-feldspars, whose rates are independent of
aqueous Si. This observation may account for muscovite’s
persistence in sandstones with what appears to be incompat-
ible mineral assemblages over timeframes in excess of tens of
millions of years.










2 2.5 3 3.5
1000/T
















































Fig. 9. Arrhenius plots illustrating the variation of measured
steady-state muscovite dissolution rates with temperature: (a)






iments performed at pH < 7 depicted as a function of 1000 times






aSiO2ð Þ1 for experiments performed at pH > 8.5
depicted as a function of 1000 times reciprocal temperature The
error bars correspond to a ±0.2 log unit estimated uncertainty of
these data. The linear curves correspond to a least squares fit of the
data; the equation and coefficient of determination (R2) of these





















Log (r+/(mol/cm2/s)) (measured) 
Fig. 10. Comparison between rates measured in the present study
and those computed with the aid of regression calculations. The
circles and squares represent data obtained at pH < 7 and
pH > 8.5, respectively. Filled and open symbols correspond to
experiments performed in solutions that were undersaturated and
supersaturated with respect to diaspore. The error bars correspond
to a ±0.2 log unit estimated uncertainty of these data. Rates at
pH < 7 were calculated using Eq. (15), nAl = 0.5, with
EA = 58.2 kJ/mol and AA = 2.95 
 107 mol/cm2/s, whereas rates
at pH > 8.5 were calculated using Eq. (16) with EA = 89.1 kJ/mol




















Fig. 11. Comparison of the 25 C far-from-equilibrium dissolution
rates of quartz, gibbsite and d-Al2O3 as a function of pH. Filled
squares represent rates of quartz dissolution reported by Brady and
Walther (1990), whereas open circles correspond to gibbsite and d-
Al2O3dissolution rates reported by Bloom (1983), Furrer and
Stumm (1986), Bloom and Erich (1987), and Dietzel and Bohme
(2004).
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Phosphorus is an essential element for life. This study focuses on the behaviours of 
phosphate minerals in natural waters. We have experimentally determined the dissolution and 
precipitation kinetic laws of the main phosphate minerals, at several temperatures and 1 atm. 
The studied phases were struvite (MgNH4PO4,6H2O), fluorapatite Ca5(PO4)3F, variscite 
(AlPO4,2H2O), strengite (FePO4,2H2O) and REE-phosphates as rhabdophane (LaPO4,2H2O 
and NdPO4,2H2O). 
 
These dissolution rates, normalized to a constant BET surface area, follow the 
approximate order struvite > fluorroapatite > variscite > rhabdophane. Since the phosphate 
group passes directly into the aqueous solution, it is reasonable to assume that the rate 
controlling process is related to the progressive disruption of metal oxygen bonds holding the 
PO4 tetrahedra together in the mineral structure.  
 
The precipitation rates were measured at different temperatures and acid conditions. 
During the experimental stages, aluminium and iron phosphates precipitated as amorphous 
phases, becoming crystalline as temperature rises and reaction time progresses.  
Rhabdophane, however, quickly precipitated directly from the solution as a crystalline phase. 
The low solubility and the big reactivity of phosphate minerals limit phosphate availability in 
natural waters. At constant solution composition, the precipitated phosphate-bearing solid 
phase depends on the induced pH conditions. At acid conditions, variscite is the phosphate 
dominant phase, while at moderately to high alkaline conditions apatite formation occurs. 
Further basic pH conditions combined with high ammonium concentrations results in struvite 
precipitation., at medium pHs is apatite and at basic pH in presence of ammonium is struvite. 
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RÉSUMÉ 
Le phosphore est un élément indispensable à la vie, provoquant notamment une forte 
croissance des végétaux quand il est en forte concentration dans l‘eau. Cette étude est centrée 
sur le comportement des phosphates dans les eaux naturelles, afin d’éviter son apport excessif 
au milieu aquatique et d’améliorer son utilisation en tant que fertilisant. 
 
Nous avons mesuré les vitesses de dissolution et de précipitation des principaux 
minéraux phosphatés. Les phosphates étudiés sont la struvite (MgNH4PO4,6H20), la 
fluorapatite Ca5(PO4)3F, la variscite (AlPO4,2H2O), la strengite (FePO4,2H2O) et certains 
phosphates de terres rares, rhabdophane (LaPO4,2H2O et NdPO4,2H2O). Les vitesses de 
dissolution ont été mesurées à température ambiante (25ºC) et à différents pH.  
 
La vitesse de dissolution, normalisée à une surface spécifique constante (BET), évolue 
dans l’ordre suivant: sturvite > fluorapatite > variscite > rhabdophane. Cette vitesse dépend de 
la force des liaisons cation-oxygène assurant le maintien des tétraèdres isolés de phosphate 
dans la structure du minéral. Les taux de précipitation ont été mesurés à différentes 
températures en condition acide.  Les phosphates d’aluminium et de fer précipitent en tant que 
phases amorphes. Ils évoluent ensuite en une phase cristalline en fonction du temps et de la 
température. Le rhabdophane précipite rapidement, directement d’une phase aqueuse à une 
phase cristalline. La concentration des terres rares dans les systèmes naturels est influencée 
par le rhabdophane et par vitesse de précipitation. Les minéraux phosphatés tamponnent la 
concentration en phosphates des eaux naturelles du fait de leur faible solubilité et de leur 
grande réactivité. Pour une même composition des eaux, la phase solide contrôlant la teneur 
en phosphate dissous dépend du pH. La variscite régule la teneur en phosphate dissous à pH 
acide, l’apatite à pH neutre et la struvite à pH basique si la solution est chargée en ammonium 
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